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Preface 


This textbook covers the requirements of the latest 1CSE syllabus and takes into 
consideration not only the topics but also the objectives set by the syllabus, 
Besides covering all the topics prescribed in the syllabus, an additional chapter 
on ‘Chemical Communication’ has been included to enable the students to 
understand the pattern of chemical reactions. 

In keeping with the modern methods of teaching chemistry, considerable 
emphasis has been laid on practical work. As many experiments as possible have 
been included and recourse has been taken to experimental evidence for develop- 
iug theories. Applications of chemistry in modern industries have been highlight- 
ed with a view to generating the interest of students. Concepts are not introduced 
in a once-and-for-all basis, but they grow throughout the textbook. 

Extensive use of illustrations has been made to provide visual summary of the 
material. A number of solved numerical problems have been given. At the-end 
of each chapter a number of questions have been provided which will enable 
students to ensure full understanding of the different topics. 

A simple and concise style has been followed throughout the book and all 
efforts have been made to weed out concepts and information which are irrelevant 
to the students at this stage. The presentation of the subject matter is based on 
extensively tested and successful methods. 

We are sure the textbook will equip students fully to meet the challenges of 
higher education. We would be happy to receive critical comments and suggestions 
from teachers and students. 


April 1984 D N VERMA 
B G PITRE 
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The Chemical Communication 


1.1 Symbol 


According to Dalton’s atomic theory, molecules 
of compounds are formed by the combination 
of atoms of different elements in small whole 
numbers. As a symbol is the short form of an 
element, a formula is the short form of a com- 
pound in which the symbols of all the elements 
present in a molecule of the compound are 
represented. 

Dalton suggested figurative symbols for the 
atoms of some of the elements as given in 
Fig. 1.1. 


©o 0 @ @ 


This was a very tedious method of representing 
the molecules of compounds and, therefore, it 
was soon abandoned. 

Berzelius suggested that the symbols of ele- 
ments could be represented by the first letter of 
the name of the element. However, ndmes of some 
of the elements have the same initial letter. This 
difficulty was overcome by using the same initial 
letter, as capital letter, together with one small 
letter from its name. For example, carbon, cal- 
cium and cobalt, all have the same initial letter. 
Their symbols are C, Ca and Co, respectively. 

In some cases the symbols of some of the ele- 
ments are derived from their Latin names. Some 
examples are given in Table LA. 


Hydrogen Oxygen Nitrogen Sulphur Carbon Table 1.1 
FIG. 1.1, Symbols for atoms of some elements Element Latin name Symbol 
suggested by Dalton. 
Copper Cuprum Cu 
On the basis of these symbols, the molecules Lead _— e 
of water, sulphuric acid and ammonia can be ayes esate 8 
; Ps Rc Sodium Natrium Na 
represented as given in Fig. 1.2, Pataccigmn Kalium K 
S ome ; Silver Argentum Ag 
Water sulphuric acid Ammonia Mercury Hydrargyrum Hg 
Co forse’ & Tin Stannum Sn 
H.0 H2S04 NH3 


The symbol of an element indicates an atom 
of the element and also the weight of the ele- 


FIG. 1.2. Representations of some molecules on the : 4 : 
ment equal to its atomic weight. For example, 


basis of symbols suggested by Dalton. 


C stands for 1 atom of carbon and means 12 parts 
by weight on the atomic mass scale. 


1.2 Radicals 


Radicals are groups of atoms of different elements 
which behave as single units. They combine like 
atoms and have their own combining power. They 
can be represented by their own formulae. 

Unlike atoms, however, radicals do not have 
separate existence of their own. They exist only 
in combination with some element or another 
radical. Atoms of sodium can exist on their own, 
but the sulphate radical, for example, would 
exist only when it is linked with some element 
or another radical, say hydrogen or ammonium. 

The sulphate radical is represented by SOa, 
and one particle of this radical contains one 
atom of sulphur and four atoms of oxygen. It 
can combine with sodium to form a compound 
called sodium sulphate, Na2SO4,. Ammonium 
tadical behaves like a metal and is represented 
as NH«. It contains one atom of nitrogen and 
four atoms of hydrogen. It can combine with a 
non-metal like chlorine to form ammonium 
chloride, NH4Cl. The metallic radicals are called 
basic radicals and the non-metallic radicals are 
called acidic radicals. It should be noted that 
ammonium, NHg, is a radical and is a part of 
a compound, whereas ammonia, NH3, is a 
compound by itself. 


1.3 Valency 


The combining capacity of an element ora radi- 
cal is denoted by its valency. Roughly it is defi- 
ned as the number of hydrogen atoms which can 
combine with or displace one atom of the element 
or one molecule of the radical. A more correct 
definition of valency will be given when you have 
studied the structure of atoms. 

One atom of hydrogen combines with one 
atom of chlorine to form a hydrogen chloride 
molecule. Hence the valency of chlorine is 1. 
Two atoms of hydrogen can combine with one 
atom of oxygen to form a molecule of water, 


Therefore, the valency of oxygen is 2. Three 
atoms of hydrogen can combine with one atom 
of nitrogen. Hence the valency of nitrogen is 3. 

Similarly, two atoms of hydrogen can combine 
with one molecule of sulphate radical and, there- 
fore, the valency of sulphate is 2. 

Some elements neither combine with nor 
displace hydrogen. In such cases, we consider 
the combining number or valency of the element 
with another element whose valency with 
hydrogen is known. For example, zine does not 
combine with hydrogen but it combines with 
oxygen whose valency is 2. Since one atom of 
zinc combines with one atom of oxygen, both 
must have the same combining number or 
valency. In other words, the valency of zinc is 2. 


1.4 Writing a Formula 


In writing the formula of a compound, we pro- 
ceed as follows. 


1, Write the symbols of e:ements or radicals 
side by side and their valencies at the top of their 
symbols. For example, to determine the formula 
of ammonia, which is a compound composed 
of nitrogen and hydrogen, we write 


ek 
NH 


2. Remove the common factor in the valencies 
if any. Put the number at the top of one element 
or radical below the symbol of the other element 
or radical. Thus the valency numbers are inter- 
changed. 

When the valency numbers of nitrogen and 
hydrogen in ammonia are interchanged, the for- 
mula is obtained as NiH3. The figure one is 
never written. Hence the formula of ammonia 
is NH3. 

Following the above steps for the formula of 


sodium sulphate and indicating the valencies we 
have: 


le 2 
Na SO4 


When the valencies are interchanged the formula 
becomes 


Na2SO4 


3. If a radical also forms a part of the coin- 
pound as in sodium sulphate (sulphate is the 
radical) and if two or more than two particles 
of a radical are present in one molecule of a 
compound, then the radical is put in a bracket 
and the number is written on the right side of 
the bracket at the bottom. 

For example the valency of zinc is 2 and 
that of nitrate, NOs, is 1. Writing their valea- 
cies at the top of their symbols we have: 

Qed 

Zn NO3 
Interchanging the valencies the formula obtain- 
ed will be ; 


Zn(NO3)2 


4. Ina compound the metallic part is always 
written first and then the non-metallic part. 


Formulae of some compounds are given below. 


(a) Sodium oxide 


shee 
Na O; hence NazO 


(b) Zinc oxide 


Diswy 
Zn O; cancelling the common factor the 
formula becomes ZnO. 


(c) Ammonium carbonate 


Wigs”? 
NH CO3; hence (NH4)2 COs 


(d) Aluminium sulphate 


i ere 
Al SO; hence Al2(SOs4)3 


(e) Calcium carbonate 


Ds cD, 
Ca CO3; hence CaCO3 


When you have obtained sufficient practice, 
you should be able to work this out mentally 


and write the formula of a compound in one step. 
The symbols and valencies of the important 
elements and radicals are given in Table 1.2. 


Table 1.2 Valency chart 


Valency Metallic Non-metallic 
y Sodium, Na Chlorine Cl 
Potassium, K Bromine, Br 
Silver, Ag Todine, I 
Copper (1) or Hydrogen, H 
Cuprous, Cu Hydroxide, OH 
Ammonium, NH, Bicarbonate or hydrogen 
Mercury (I) or carbonate, HCO, 
Mercurous, Hg Bisulphate or hydrogen 
sulphate, HSO, 
Bisulphite or hydrogen 
sulphite, HSO; 
Bisulphide or hydrogen 
sulphide, HS 
Nitrate, NO; 
Nitrite, NO» 
Chlorate, ClO; 
2 Magnesium, Mg Sulphate, SO. 
Calcium, Ca Sulphite, SO; 
Zioc, Zn Oxygen, O 
Copper (II) or Sulphur, S 
Cupric, Cu Dichromate, Cr:O, 
Barium, Ba Carbonate, COs 
Iron (I) or 
Ferrous, Fe 
Lead (II) or 
Plumbous, Pb 
Mercury (II) or 
Mercuric, Hg 
Tin (II) or 
Stannous, Sn 
3 Aluminium, Al Nitrogen, N 
Iron (III) or Phosphate, PO 
Ferric, Fe 
Chromium, Cr 
4 Lead (1V) or Carbon, C 
Plumbic, Pb Silicon, Si 
Tin (IV) or 
Stannic, Sn 


it isimportant to remember that in some cases 


the combination is not determined by valencies. 
The forinula deduced on the basis of valencies 


may not exist at all. For example, both sulphur 
and oxygen have valency 2, so that the formula 
of the compound formed by the two elements 
‘should be SO. In fact no such compound with 
this composition exists. There are two oxides of 
of sulphur which have the formulae SO2 and 
SOs, called sulphur dioxide and sulphur trioxide, 
respectively. Carbon monoxide, CO, should not 
be possible according to the valencies of the two 
elements; but it exists. In some compounds the 
valencies of elements are not helpful in writing 
the formulae of compounds. There is an oxide 
of iron called tri-iron tetroxide, Fe304, and an 
oxide of lead called red lead or tri-lead tetroxide, 
Pb304. For writing the formula of these com- 
pounds, valencies of the elements are.not used. 

Such cases, however, are very few. In case of 
combination between metals and non-metals, 
valency is a very useful tool for deducing the for- 
mula of a compound. 


1.5 Counting the Number of Atoms 
in a Molecule 


1. (a) The formula of a compound represents 

_ 1 molecule of the compound. The formula 

H2SOs represents | molecule of sulphuric acid 

containing 2 atoms of hydrogen, | atom of 
sulphur and 4 atoms of oxygen. 

(b): The formula of copper nitrate, Cu(NOs)2, 
denotes 1 molecule of copper nitrate containing 
1 atom of copper, 2 atoms of nitrogen and 6 
atoms of oxygen. The number 2 outside 
the brackets multiplies everything inside the 
brackets. 

(c) The formula NH4NOs denotes 1 molecule 
of ammonium nitrate, and contains 2 atoms 
of nitrogen, 4 atoms of hydrogen and 3 atoms 
of oxygen. 


2. Ifany number is put in front of the for- 
mula of a compound, it denotes the number of 
molecules present. This number multiplies all 
the numbers of atoms of different elements pre- 

ent in one molecule of the compound, 


(a) For example, 2H2SO4 means 2. mole- 
cules of sulphuric acid containing 4 atoms. of 
hydrogen, 2 atoms of sulphur and 8 atoms of 
oxygen. 

(b) 3 Cu(NOs)}2 means 3 molecules of copper 
nitrate containing 3 atoms of copper, 6 atoms 
of nitrogen and 18 atoms of oxygen. 

(c) 4NH4NO3_ represents 4 molecules of 
ammonium nitrate containing 8 atoms of nitro- 
gen, 16 atoms of hydrogen and 12 atoms of 
oxygen. 

You should practise counting the number of 
atoms of different elements present in several 
molecules of other compounds. 


1.6 Variable Valency 


fhere are certain metals which exhibit different 
valencies. When the metal forms a compound 
exhibiting its lower valency, it forms ‘ous’ com- 
pounds; when it exhibits its higher valency, it 
forms ‘ic’ compounds, 

For example, when a compound of copper is 
formed in which it exhibits valency 1 (its lower 
valency), cuprous compound is formed. When it 
exhibits the valency 2 (its higher valency) 
cupric compound is formed. Similarly in ferrous 
compounds the valency of iron is 2, while in 
ferric compounds it is 3. 

In 1960, the International Union of Pure and 
Applied Chemistry (IUPAC), abolished the use 
of ‘ous’ and ‘ic’ compounds of metals. It 
adopted a new system by. which the operative 
valency of the metal forms a part of the name 
of the compound and the valency is stated in 
Roman numerals in brackets. Some examples 
are given in Table 1.3 


Table 1.3 

——— 
Old name New name Formula 
Cuprous oxide Copper (1) oxide Cu,0 
Cupric oxide Copper (I) oxide CuO 
Ferrous sulphate __ Iron (II) sulphate FeSO, 
Ferric sulphate Tron (iL1) sulphate Fe,(SO,): 
Manganese dioxide Manganese (IV) oxide MnO, 


1.7 Chemical Equation 


A chemical equation shows the result of a chemi- 
cal change, in which the reactants and the pro- 
ducts are represented by symbols (in case of ele- 
ments) and formulae (in case of compounds). 

The reactants are written on the left hand side 
and the products are placed on the right hand 
side of the sign 

=or> 


Thus a chemical equation is a short-hand 
form for a chemical change. 

Writing of chemical equations must satisfy 
certain requirements, 


1. The names of the reactants and the pro- 
ducts must be established experimentally and 
must be known. 

2. Symbols for elements and formulae for 
compounds (according to valencies of metallic 
and non-metallic parts) are used to represent 
reactants and products. 

3. While writing the symbol for an element, its 
atomicity must be kept in mind. Atomicity of 
an element is the number of atoms present in one 
molecule of the element. Six elements: hydrogen, 
oxygen, nitrogen, chlorine, bromine and iodine, 
occur as diatomic molecules. When alone they 
are written as H2, O2, Na, Cle, Br2 and Ia, res- 
pectively. 

4. There must be the same number of each 
kindof atom on the left hand and right hand 
sides-of an equation. This is done by inserting 
suitable numbers, wherever necessary, before 
symbols and formulae of reactants and pro- 
ducts. In most cases these numbers are small. 
This step is called balancing the chemical equa- 
tion. The formula of a compound should never 
be altered. It has got to be written according to 
valency considerations, 


Examples of Some Balanced Equations 
1. When hydrogen burns in air, it combines with 
oxygen to form water. The word equation is 
written as follows: 
hydrogen + oxygen -> water 


Using symbols for hydrogen and oxygen and 
writing them as diatomic molecules (because 
they occur in an uncombined form) and writing 
the formula for water (taking into consideration 
the valencies of hydrogen and oxygen), the ske- 
leton equation (unbalanced equation) may be 
written as follows: 


H2+02 — H20 


In the above equation there aretwo atoms of 
oxygen on the left-hand side and only one atom 
of oxygen (in water) on the right-hand side. If 2 
is inserted before hydrogen on the left-hand side 
and 2 is inserted before the water molecule on 
the right-hand side, the equation becomes a 
balanced equation and may be written as below: 

2H2+0O2 > 2H20 

You have, thus, 4 atoms of hydrogen and 2 
atoms of oxygen on both sides of the equation. 

2. Sodium reacts with water to give sodium 
hydroxide and hydrogen. The skeleton equation 
is as follows: 

Na+ H20 - NaOH + H2 (unbalanced) 


In the above equation sodium and oxygen 
are balanced but hydrogen is unbalanced. If 2 
is written before Na, H2O and NaOH, the equa- 
tion becomes a balanced equation: 

2Na+2H20 — 2NaOH + Ha (balanced) 


On both sides of the equation you now have 
2 atoms of sodium, 4 atoms of hydrogen and 
two atoms of oxygen. 

3. When hydrochloric acid reacts with calcium 
oxide, the products are calcium chloride and 
water. 


CaO+ HCl — CaCl +H20 (unbalanced) 
The balanced equation is 

CaO +2HCl > CaCh+H20 (balanced) 
4. When. nitric acid reacts with sodium car- 


bonate, the products are sodium nitrate, water 
and carbon dioxide. The skeleton equation is: 


Na2CO3+ HNO; — NaNO3+ H20+CO2 
(unbalanced) 


The balanced equation is 


‘Na2CO3+2HNO3 — 2NaNO3+H20 +CO2 
(balanced) 


5. When copper (II) nitrate is heated, it gives 
copper (II) oxide, nitrogen dioxide and oxygen. 


Cu(NO3)2 > CuO +- NO2+ O2 (unbalanced) 


For balancing oxygen the equation may be 

written as below: 

Cu(NO3)2 > 2Cu0+ NO2+02 

(still unbalanced) 
The balanced equation will be: 

2Cu(NO3)2 -> 2Cu0 +4NO2+O2 
Thus finally both the sides have 2 atoms of 
copper, 4 atoms of nitrogen and 12 atoms of 
oxygen. 

The ability to balance equations quickly is 
ichieved with practice. Mostly small numbers 
ire involved in balancing equations. An unbalanc- 
d equation is absolutely incorrect. 


nformation Obtained from a 
chemical Equation 
\ chemical equation provides much information 
ibout a chemical reaction. For example, consi- 
ler the equation: 

2H2+0O2 > 2H20 
This equation gives the following information. 


1. Hydrogen combines with oxygen to give 
vater. 

2. 2 molecules of hydrogen combine with 
molecule of oxygen to form 2 molecules of 
vater. 

3. A molecule of hydrogen contains 2 atoms, 
:molecule of oxygen contains 2 atoms and_a 
nolecule of water contains 2 atoms of 
ydrogen and 1 atom of oxygen in chemical 
ombination. 

4. 4 atoms of hydrogen, i.e. 4 parts by weight 
f hydrogen combine with 2 atoms of oxygen, 
e. 32 parts by weight of oxygen to form 
x (2+16) or 36 parts by weight of water. Thus 
aatter is neither created nor destroyed in a 
hemical change (law of conservation of mass). 


Information not Obtained from a 

Chemical Equation 

A chemical equation does nut show many aspects 
ofa chemical reaction. However, some of these 
may be included by modifying the equation. 


1, A chemical equation does not tell the phy- 
sical state of the substances. This may be shown 
by writing (s), (1), (g) or (aq) along with the 
symbol or formula of the substance. These sym- 
bols indicate respectively: solid, liquid, gas and 
aqueous solution (solution in water). For 
example: 


3Fe(s)+4H20(g) > Fe3Oa(s) + 4H2(g) 


Thus it shows that solid iron reacts with steam 
to form solid tri-iron tetroxide and gaseous 
hydrogen. 

Consider the equation 


NaOH(aq)+HCl(aq) > NaCl(aq) + H20(1) 


This equation shows that aqueous solutions 
of sodium hydroxide and hydrogen chloride re- 
act to form aqueous solution of sodium chloride 
and water. 

‘Very often an arrow pointing upwards ( f ) 
is used to indicate the formation of a gas, 
and an arrow pointing downwards ({) the 
formation of an insoluble substance called a 
precipitate. 

2. A chemical equation does not tell us about 
the conditions necessary to bring. about a par- 
ticular reaction. A reaction may be dangerous 
and precautions may have to be taken for the 
reaction to take place safely. Or the reactants 
may have to be heated for the reaction to take 
place. 

Sometimes, this information is included in the 
reaction, For example, the reaction 


heat 
CaCO3 —> Ca0+CO2 


shows that to decompose calcium carbonate 
into calcium oxide and carbon dioxide, heat is 
necessary. 

3. An equation does not mention whether 
heat energy is evolved or absorbed in the che- 


mical reaction. This information is also often 
given in the reaction by giving on the right-hand 
side, the amount of heat absorbed or evolved in 
the reaction. 

4. It does not tell what percentage of the 
reactants will form products. 

5. It does not indicate how much time is taken 
for the completion of the reaction. 

6. It does not show whether the reaction is 
reversible (i.e. if it can proceed both ways). 
However, a double arrow (=) is often inserted 
between reactants and products to indicate a 
reversible reaction. For example, the reaction 


2HgO = 2Hg+O2 


shows that mercury oxide decomposes to form 
mercury and oxygen. Mercury and oxygen can 
also combine to form mercury oxide. 


1.8 Some Typical Chemical Reactions 


There are certain patterns in chemical reactions 
and some basic principles can be applied to pre- 
dict the products formed in most chemical reac- 
tions. The reactions given below are useful in 
understanding the nature of many chemical 
reactions. 


1. Synthesis 

When a compound is formed from its elements or 
from simpler substances, the reaction is called 
synthesis. Some examples are as follows: 


(a) nitrogen + hydrogen > ammonia 
No + 3H2 ——> 2NH3 
(b) iron+chlorine — iron (III) chloride 
2Fe + 3Clz ——> 2FeCls 
(c) magnesium+ oxygen > magnesium oxide 
2Mg + O2 —> 2MgO 
2. Reaction of Water with Metals 


Water reacts with metals under different condi- 
tions, depending on the reactivity of metals. 


(a) At room temperature more reactive 
metals like potassium, sodium and calcium 
react with water to produce the. hydroxide of 
the metal and hydrogen. 


2Na+2H,0 — 2NaOH+ H2 
sodium sodium 
hydroxide 
Ca +2H20 — Ca(OH)2+ H2 
calcium calcium 
hydroxide 


(b) Magnesium and zinc when hot react with 
steam to give their oxide and hydrogen. 
Mg + H2O> MgO + H2 
magnesium magnesium 
oxide 


Zn+H20 — ZnU+ H2 
zinc zinc 
oxide 
(c) Red hot iron reacts with steam to give 
tri-iron tetroxide and hydrogen. 
3Fe+4H20 = Fe304+4H2 
iron tri-iron 
tetroxide 
Note that this oxide of iron is neither iron (ID) 
oxide nor iron (III) oxide, but is a combination 
of the two oxides. 

Thus we see that the greater the reactivity of 
the metal the lower is the temperature of water 
and the metal for the reaction to take place. 
The reaction of water with metals and many 
uther reactions show that different metals have 
different reactivities. 

Metals can be arranged in an order such that 
the-most reactive metal is at the top and the 
least reactive at the bottom. This arrangement is 
called the reactivity series of metals. Thus, in the 
reactivity series, the metals are placed in 
decreasing order of reactivity. 


Reactivity Series of Metals 
Potassium (Most reactive metal) 
Sodium 

Calcium 

Magnesium 


Aluminium 

Zitic 

Iron 

Tin 

Lead 

(Hydrogen) 

Copper 

Mercury 

Silver 

Gold (Least reactive metal) 


Hydrogen, although a non-metal, is also plac- 
ed in the series because in some ways it is simi- 
.ar to metals, It forms positive ions like metals, 

Aluminium, though a very reactive metal, 
does not react with water because of a compact 
and rigid deposit of aluminium oxide present 
on the metallic surface, which renders it inactive, 

Copper, since it is below hydrogen in the 
series, does not react with water at any tempe- 
rature and hence it is used to make boiler pipes. 
Silver and gold are so non-reactive that they 
can be found in the free state in nature, 


3. Reaction of Alkalis: with Metals 
Sodium hydroxide and potassium hydroxide are 
strong alkalis. Concentrated solutions of these 
alkalis react with metals such as zinc and alu- 
minium to form complex soluble salts and 
hydrogen. ‘ 

The formulae of the complex soluble salts are 
obtained by adding the formulae of the oxides 
of the two metals, e.g. 


Na20+ZnO > Na2ZnO2 
sodium zincate 
Na20+Al203 > NazAl20s, which when 
simplified becomes NaA1O2 (sodium aluminate), 


When a concentrated solution of sodium 
hydroxide reacts with zinc powder, it forms 
sodium zincate and hydrogen. 


2NaOH + Zn-> Na2ZnOQ2+H, 
sodium zine sodium aera Con Ne 
hydroxide zincate vr 


Similarly a concentrated solution of sodium 
hydoxide on reacting with powdered aluminium 
forms sodium aluminate and hydrogen. Water, 
present in the sodium hydroxide solution, also 
takes part in the reaction. 


2NaOH + 2Al + 2H20 — 2NaAlO2+3H2 
sodium aluminium sodium 
hydroxide aluminate 


With potassium hydroxide solution, zinc and 
aluminium form potassium zincate and potas- 
sium aluminate respectively. The equations for 
the reactions can be written in the same way as 
with sodium hydroxide solution. 


4, Reaction of Hydrochloric and Sulphuric 
Acids with Metals 


(a) Dilute hydrochloric acid, concentrated - 


hydrochloric acid and dilute sulphuric acid 
Teact with reactive metals (above hydrogen in 
Teactivity series) to produce salt of the acid and 
hydrogen, 
Zn+ 2HCl > ZnCl2+H2 
hydro- — zinc 


chloric chloride 
acid 

Mg + H2SQ4 -> MgSO4+ H2 
dilute magnesium 
Sulphuric sulphate 
acid 

Ca+ 2HCl — CaChk + H2 

hydro- calcium 
chloric chloride 
acid 

Fe + H2SO4 > FeSO4+ H2 
dilute iron (II) 
sulphuric sulphate 
acid 


Metals such as copper and silver will not re- 
act with the above acids because they are below 
hydrogen in the Teactivity series. Aluminium has 
also no reaction with dilute sulphuric acid be- 
Cause of the protective aluminium oxide layer. 

(b) Hot and concentrated sulphuric acid 
Feacts with all metals to produce a sulphate, 


water and sulphur dioxide. Non-reactive metals 
such as platinum and gold are exceptions. 


Cu+2H2SO4 > CuSO, + 2H20 + SO2 


conc. sul- copper (II) sulphur 
phuric acid sulphate dioxide 
2A1+6H2SO4 — Al2(SO4)3+6H20+ 3502 
conc. sul- aluminium sulphur 
phuric acid _—_ sulphate dioxide 


5. Reaction of Nitric Acid with Metals 


(a) Very dilute nitric acid reacts with magne- 
‘sium and manganese only to produce a nitrate 
and hydrogen. 


Mg+2HNO3 — Mg(NOs)2 + H2 


very dilute magnesium 
nitric acid nitrate 
Mn+2HNO3 — Mn(NO3)2+ H2 
manganese 
nitrate 


(b) Dilute nitric acid reacts with all metals, 
except very unreactive metals such as platinum 
and gold, te-give a nitrate, water and nitrogen 
monoxide (a colourless gas). 


3Cu+8HNO3 — 3Cu(NOs)2+4H20+ 2NO 


dilute nitric copper nitrogen 
acid nitrate monoxide 
3Ag+ 4HNO; > 3AgNO3+ 2H20+ NO 
dil. nitric silver nitrogen 
acid nitrate monoxide 


(c) Concentrated nitric acid also reacts with 
all metals (except platinum and gold) to give a 
nitrate, water and a reddish-brown gas, nitrogen 
dioxide. 


Cu+ 4HNO; > Cu(NO3)2 + 2H20+ 2NO2 


conc. copper nitrogen 
nitric nitrate dioxide 
acid 

Ag+ 2HNO3 > AgNO; + H20+ NOQ2 
conc. silver nitrogen 
nitric nitrate dioxide 
acid 


Nitric acid of any concentration does not react 
with aluminium. This is, perhaps, due to the thin, 
coherent and rigid layer of insoluble aluminium 
oxide which protects the metal from attack. 


‘6. Reaction of Acids with Bases 


Metallic oxides and hydroxides are called ‘vases. 
An acid reacts with a base to site the salt of the 
acid and water. 


Na2O + 2HCl —> 2NaCl + H20 
sodium hydrochlo- sodium 

oxide ric acid chloride 

Mg(OH)2 + 2HNO3; > Mg(NO3)2 +2H20 
magnesium nitric acid magnesium, 
hydroxide nitrate 

ZnO + H2SO4 — ZnSO, + H20 
zine oxide sulphuric zinc 

f acid sulphate 

Fe(OH); + 3HCl > FeCls +3H20 
iron (IL) hydrochlo- iron (UI) 

hydroxide ric acid chloride 


7. Reaction of Acids with Carbonates and 
Hydrogen Carbonates 

A metallic carbonate or a hydrogen sadepiagate 

on reacting with an acid gives the salt of the 

acid, water and carbon dioxide gas. 


Na2CO3 + 2HCl — 2NaCl + H20+CO2 


sodium hydro- sodium carbon 

carbonate chloric chloride dioxide 
acid 

CaCO3 + 2HNO3 > Ca(NO3)2+ H20+CO2 

calcium nitric . calcium: carbon 

carbonate acid nitrate dioxide 


2NaHCO3 + H2SO4-> Na2SO4+ 2H20 + 2CO2 


sodium sulphu- | sodium carbon 
hydrogen ric acid sulphate dioxide 
carbonate 


8. Double Decomposition Reaction 

When two compounds react such that the 

metallic part of one compound combines with 

the non-metallic part of the other compound, the 

reaction is called a double decomposition reaction. 
Precipitates from solutions are ee for- 

med by this type of reaction. 


CuSO4 + 2NaOQH  — Cu(OH)2’ + Na2SO4 
copper (II) sodium copper (II) sodiura 
sulphate hydroxide hydroxide sulphate 


FeCl; + 3NHsOH — Fe(OH)3s + 3NH«Cl 


iron (111) ammonium iron (III) ammonium 
chloride hydroxide hydroxide chloride 
ZnSO, + H2S —> ZnS + H2804 
zinc hydrogen zinc sul- sulphuric 
sulphate — sulphide gas phide acid 


9. Displacement Reaction 
In this type of reaction, a more reactive element 


displaces a less reactive element from its compound. 


CuSO, + Fe —> FeSO, + Cu 
copper (II) iron iron (11) copper 
sulphate sulphate 

2KI Mc Elo 8 -ohB2REr + In 
potassium chlorine ‘potassium iodine 
iodide chloride 


10. Thermai Decomposition 


In this type of reaction, a compound decomposes 
into two or more substances. on heating. 


(a) When metallic hydroxides, except the 
hydroxides of sodium and potassium, are heated, 
they produce an oxide and steam. 


Ca(OH)2 —- CaO + HO 
calcium calcium 

hydroxide oxide 

2AK(OH)3 > AbO3 + aE0 
aluminium aluminium : 
hydroxide oxide 


(b) When hydrogen carbonates of sieht: are 
heated, the products are a carbonate, water oa 
carbon dioxide. 


Hydrogen carbonstes of: only. sodium, : potas- ; 


sium, calcium and magnesium exist, ; 


2NaHCO; —- Na2COz3 + H20 + CO2 
sodium hydro- sodium carbon 
gen carbonate carbonate dioxide 


(c) When carbonates of metals are heated, 
they produce an oxide and carbon dioxide. 


CuCO3; > CuO + COQ, 
copper (II) copper (II) carbon 
carbonate oxide dioxide 
ZnCO3; > ZnO + CO2 

zinc car- zinc oxide carbon dioxide 
bonate 


Carbonates of sodium and potassium are 
stable and do not decompose on heating. 

(d) When sodium nitrate and potassium nitrate 
are heated, they decompose at a high tempera- 
ture'to give a nitrite and oxygen. 


2NaNO3 -» 2NaNO2 + O2 
sodium sodium oxygen 
nitrate nitrite 

2KNO; -+ 2KNOz2 + Oz 
potassium potassium oxygen 
nitrate nitrite 


(e) Nitrates of nearly all other metals decom- 
pose on heating to give an oxide, nitrogen 
dioxide (reddish-brown gas) and oxygen. 


2Cu(NO3)2 > 2CuO0 + 4NO2°+ O2 


copper (II) copper (II) nitrogen oxygen 
“nitrate oxide dioxide 
«.2Pb(NO3)2 > 2PbO + 4NO2. + Oz 
lead (11) lead (11) nitrogen oxygen 
nitrate oxide dioxide 


Ca(HCO;)) > CaCO; + #20 re COs _ Silver nitrate also decomposes in the same 
calcium hydro- calcium) carbon Manner. But silver oxide will further break up 
gen carbonate carbonate. dioxide. into silver and oxygen. 

PROBLEMS. 


1. How many atoms of the different elements are 
present in the following formulae: - 


2Cu(NO;)», 3Al(SO4)s, 4NHWNO,, SENHL).504, sae 


2KMnO,, 2Pb;04 


2. What do you understand by atomicity of an. ele- 

ment? Namie two monatomic and two diatomic 
_ elements, 

3. Define the terms valency and. radical. How are 
tadicals different from atoms? 
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10. 


. Mention the limitations of a 


. Write balanced equations 


. (a) What is the difference between ammonia and 


ammonium? 
(b) What is the difference between ferrous sulphate 
and ferric sulphate? 


. Write the formulae of the following compounds: 


(a) Iron (ID sulphate (b) Manganese (IV) oxide 
(c) Cu(1) chloride (d) Lead (II) nitrate (e) Calcium 
carbonate (f) Ammonium hydroxide (g) Ammo- 
nium dichromate. 


Define a chemical equation. What information is 


conveyed by the following equation: 
3Fe(s)+4H,0(g) = Fes0,(s)+4H.(8) 


The atomic weights of iron, oxygen and hydrogen 
are 56, 16 and 1 respectively. 

formal chemical 
equation. 

for the following reac- 
tions. 


(a) Action of water on calcium. 

(b) Action of ammonium hydroxide on iron (itl) 
chloride. 

Action of hydrochloric acid on calcium carbo- 
nate. 

Action of heat on aluminium hydroxide. 
Action of chlorine.on iron. 

Action of hot concentrated sulphuric acid on 
copper. 

Action of dilute nitric acid on zinc. 

Action of heat on copper nitrate. 

Action of heat on sodium hydrogen carbonate. 
(j) Action of chlorine on potassium bromide. 

(k) Action of heat on sodium nitrate. 


. Define the terms synthesis, double decomposition, 


thermal decomposition and displacement reaction. 
Write balanced equations for the following reac- 
tions, Use suitable substances for the reactions. 


(a) A method of preparing hydrogen from an 
alkali, 


il 


11. 
12. 


13. 


14. 


15. 


%b) A method of preparing carbon dioxide where 
heating of chemicals is involved. 

(c) A method of preparing nitrogen dioxide from 
nitric acid. 

(d) A method of preparing hydrogen from a metal 
and an acid. 

(e) A method in which two gases and a solid are 
formed by heating a compound. 

(f) A method of preparing copper from copper 
sulphate solution, using another metal. 

(g) A method of preparing. sulphur dioxide from 
sulphuric acid. 

(h) A method of preparing oxygen from a nitrate. 

An unbalanced equation is no equation at all. Why 

is this so? 

Write equations for preparing sodium chloride 

from three different compounds of sodium. 

Fill in the blanks and write balanced equations for 

the following. 

(a) Zn+..- —> . ZnCl.fs.>.--- 

(b) Ca(HCQs). em CaCO,+-.-- 


— MgCl.+--- 


(e) CuCl.+----+- —> Cu(OH):+------ 

(f). wees — > Fe,03+H,0 

(g) Cu(NOs)2 Pe ENO ern: 

“ess HNOy —> Cu(NOs)etNOst 


What do you understand by the reactivity series of 

metals? How will you show by the reaction of 

water on metals that metals have different reac- 

tivities? ad 

(a) Write an equation for the reaction of magne- 
sium on silver nitrate solution. Give reasons 
for this reaction to take place. 

(b). Will there be any reaction when iodine is 
added to potassium chloride solution? Give 
reasons for your answer. 
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States of Matter 


2.1 The Three States of Matter 


We have learnt in earlier classes that chemistry 
is the study of matter—what it is made of and 
the changes it undergoes. In scientific language 
matter is defined as anything that occupies space 
and has mass. It can be perceived by our senses. 
Ice, water and steam are composed of the 
same matter but are in three different states, call- 
ed the solid state, liquid state and the gaseous 
state, respectively. Most substances can exist in 
all the three states under different conditions. 
All the three states of matter have mass. Solids 
have their own definite volume and shape. 
‘Liquids have a definite volume but no definite 
shape; they take the shape of the container. 
Gases occupy space but they have neither a defi- 


nite shape nor a definite volume. Both gases and 


liquids flow. Hence they are called fluids. 


There is a slight difference between the terms 


vapour and gas as used by scientists. When a gas 

exists in the presence of the liquid of the same 
substance, under the same conditions of tempera- 
ture and pressure, the gaseous state is callea 
vapour. 


When heated, matter changes from solid to 


liquid state and then from liquid to gaseous state. _ 


When cooled, the change takes place in the 
reverse direction. 


heat heat 
Solid = Liquid = Gas 
cool cool 


The temperature at which a solid changes to 
liquid is called melting point. Pure solids have a 
sharp melting point. Impure solids melt over 
a wide range of temperature. Some solids on 
heating change to gas which on cooling change 
back to the solid state directly without changing 
into the intermediate liquid state. This process 
is called sublimation. Iodine and ammonium 
chloride sublime. The processes and changes of 


rire on heating and cooling are shown in Fig. 


Liquid: 


FIG, 2.1. Changes of state on heating and cooling. 


The temperature at which a liquid changes into 


gas is called its boiling point. All pure liquids 
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have fixed boiling points. At sea level pure water 
boils at 100°C. 

Solids such as iron and gold can also be chan- 
ged into liquid and gaseous states on heating to 
high temperatures. At very low temperatures even 
gases such as nitrogen and oxygen can be chan- 
ged to the liquid state. 


2.2, Particulate Nature of Matter 


Take the lid off a bottle of perfume; soon its 
smell spreads around. The particles of the per- 


fume spread out in the space around, A drop of . 


liquid bromine when put into a closed jar chan- 
ges to smaller particles of red coloured bromine 
gas which spreads in the whole jar (Fig. 2.2). 


Glass plate 


Gas jar 


Bromine 
vapour 


FIG, 2.2. Vaporisation of liquid bromine 
to form red bromine gas. 


Bromine is a volatile liquid, i.e. it has a low 
boiling point. It changes to a red coloured vapour 
at room temperature and fills up the jar comple- 
tely. 

These experiments suggest that matter is com- 
posed of small particles. The smallest particle 
of a substance: that can exist independently is 
called a molecule. These particles are extremely 
small and cannot be seen by the human eye. 
Molecules of any one substance are. alike and 
differ from the molecules of another substance. 

In solids the molecules are close together, and 


are arranged in a fixed pattern, each molecule 
vibrating slightly about a fixed position. The 
forces of attraction between molecules are very 
strong and their free movement is not possible. 
Hence solids have a fixed shape. 

In liquids the molecules are not held in fixed 
positions, but are in a state of disorder, moving 
around the container. The average distance 
between the molecules is more than that in the 
solid state. These molecules are held together by 
forces of attraction so that very few break away 
and leave the container at normal temperature. 
Hence a liquid has a fixed volume. 

In gases the molecules move freely with great 
speed in all directions in straight lines until they 
collide with the walls of the container. There is 
no certainty at all of their position because of 
very little force of attraction between them. The 
average distance between the molecules is very 
large. Hence a gas has neither a fixed shape nor 
a fixed volume. Gases mix freely with one an- 
other irrespective of their molecular masses. This 
is called diffusion. 

The difference between the three states of 
matter as far as arrangement of molecules is 
concerned is shown in Fig. 2.3. 


Solid state 


Liquid state 


Gas state 


FIG, 2.3. Arrangement of molecules in solids, liquids 
and gases. 


The physical properties of the three states of 
matter are compared in Table 2.1. 
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Tabie 2.1 Physical properties of the three states of matter 
Narr ee EE A SE PSD sess ae BS EH OMe Oo CTAB CES BE A SE a 


ate Volume Shape 


Compressibility 


Force of attraction betwe 


; molecules 
NSLS UR a I Le COM Rs 
Solid Definite Definite Cannot be compressed Very strong 
easily — 
Liquid Definite Takes the shape Cannot be compressed Weak 
of container easily 
Gas No definite Takes the shape Easily compressed None 
volume of container 
PROBLEMS 


aw 


- (a) . Define a molecule. 
(b) How are molecules distributed in solids, 
liquids and gases? 


- Give three differences in physical propetties of ice, 
water and steam. 


- (a) What are fluids? 

(b) A gas jar containing vapours of bromine is 
covered with another gas jar containing air, 
mouth to mouth. What will you observe after 
the two jars have remained together for some 
time? Give reasons for your answer. 


» Todine turns starch paper blue. Put few crystals of 
iodine in a test tube and fix a strip of filter paper 
moistened with starch solution in the mouth of the 
test tube with the help of a cork. You will observe 
the appearance of blue colour on the strip of paper. 
Explain why this is so? 


. Place a gas jar of hydrogen (a light gas) over a gas 
jar of carbon dioxide (a heavy gas), mouth to 
mouth. Carbon dioxide will remain in the lower 
Jar and hydrogen will remain in the upper jar. Is 
this a true statement? Give reasons for your 
answer. 


6. A piece of stone is immersed in a graduated cy: 
der containing water and its volume is. determi 
by noting the rise in the level of water. It is bro! 
into three pieces, which are again put into 
graduated cylinder with water. What will 
observe? Explain. 


7. (a) What is the difference between gas and van: 
forms of a liquid? 
(b) Explain the difference between melting a 
dissolving. 


8. Fill in the blanks. 


(a) The process of a liquid changing into a so 
is called-. 

(b) The temperature at which a liquid chan 
into gas is called. 3 

(c) Mixing of gases is called 2 

(d) The process of a solid changing into liquic 
called —__—, 

(e) Bromine is a 


liquid. 


9. Why do solids have a fixed shape and gases he 
neither a fixed shape nor a fixed volume? 


10. (a) How would you find out if a sample of sod» 
chloride is pure or impure? 
(b) How would you find out if a given sample 
water is pure or impure? 


Elements, Compounds and Mixtures 


We have observed different types of changes 
taking place in substances. Melting of ice, con- 
densation of water from vapour or steam, dis- 
solving of sulphur in carbon disulphide, burning 
of phosphorus in air and burning of magnesium 
in air are some of them. { 

Some of these changes result in the formation 
of completely new substances, and are accom- 
panied by energy changes such as evolution of 
heat or absorption of heat. In some cases, the 
energy changes are not large, and it is possible 
to get back the original substances. 

Melting of ice results in the formation. of 
water which is a liquid state of the same sub- 
stance; the change needs slight heating and the 
water can be changed back into ice by cooling. 
Dissolving of a solute in a solvent also produces 
no new kind of substance; the solid solute can 
be easily obtained back by evaporation. If we 
carry out weighing in the above experiments, 
we would find no change of weight in the sub- 
stances which have undergone these changes. 
Such changes are called physical changes. 

On the other hand, burning of phosphorus: or 
magnesium in air forms new substances called 
phosphorus pentoxide and magnesium oxide, 
respectively, which cannot be easily changed 
back into the original substances. Both heat and 
light energy are liberated in the burning of these 
substances. The products show an increase in 
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mass as compared to the mass of the original 
substances. Such changes are called chemical 
changes, 

These simple characteristics of physical and 
chemical changes are summarised in Table 3.1. 


Table 3.1 Physical and chemical changes 


S. no. Physical change Chemical change ~ 

5 No new substance is New substances are for- 
formed, med. 

23 Can be easily rever- Cannot be easily. rever- 
sed. sed. 

KR Usually energy change Often energy change is 
is small. large. 

4, There is no change of Product masses are 
mass. ” different'from the masses 


of original substances. 
nee 


Rusting of iron, when hydrated iron (111) 
oxide, 2Fe203-3H20, is formed; burning of coal 
when carbon dioxide and carbon monoxide 
gases are formed, are among the many chemical 
changes that can take place. Burning of a candle 
involves both physical ‘as well as chemical chan- 
ges. When a candle burns, a part of the paraffin 
wax produces carbon dioxide gas and water 
vapour, thus involving a chemical change. A 
portion of the wax which melts because of the 
heat, changes back to its original solid state on 
cooling. This is a physical change. 


Millions of different materials and chemicals heated, it leaves a black residue of copper (I } 
exist in the world. Scientists are always adding to _ oxide and carbon dioxide gas is given out which 
this list. It would be almost impossible toremem- turns lime water milky. 


ber how they behave, look and feel unless we find CuCo;, Guo + ‘Coy 
ways of grouping them into distinct categories. copper (II) copper (II) carbon 
We know that solids, liquids and gases have carbonate oxide dioxide 
distinct properties. Thus one method of grouping 


rf i A as pece Powdered copper 
matter is according to its state—solid, liquid carbonate 


and gas. Such a grouping of substances, accord- 
ing to some properties, is called classification. If 
we study one member of a group we.can tell 2 
lot about another member of that group because 
of the common properties. Another method is 
to classify matter into elements, mixtures and 
compounds, 


3.1 Elements FIG. 3.2. Decomposition of copper (II) carbonate 
on heating. 

Experiment 1: Heat a few crystals of lead 

nitrate ina test tube. The crystals break into Both lead nitrate and copper (I) carbonate de- 

smaller particles producing a crackling sound; — compose into simpler substances, Most substan~ 

this is called decrepitation. Oxygen is given out ces can be broken down into simple substances 

which rekindles a glowing splint. A reddish- either by heating or by some other more com- 

brown gas, nitrogen dioxide, is produced, and a __ plicated methods. 

yellow coloured residue, lead oxide, is left in A small number of substances, however, cannot 

the test tube, The reddish-brown fumes when be broken down by chemical changes into simpler 

cooled change into a yellow liquid as shown in substances. These substances are called elements. 


Fig. 3.1. At present 105 elements are known to exist. 
2Pb(NO3)2 + 2PLO. + 4NO> + 05 Of these, 92 occur naturally in the earth and in 
lead (AI) lead (HI). nitrogen oxygen the atmosphere, while 13 have been made by 
nitrate oxide dioxide artificial means. These elements are the building 


blocks of all the millions of complicated sub- 
stances existing in the world. The most common 
eee elements which form the majority of substances 
Oxygen are oxygen, silicon, aluminium, iron, hydrogen, 
carbon and nitrogen. The nine most abundant 


elements in the earth’s crust are shown in 
Ice-salt mixture Fig. 3.3. 
(freezing ‘ 
mixture) 


Lead (i) 
nitrate 


3.2 Mixtures and Compounds 


Let us investigate the properties of two elements, 
iron and sulphur, Separately and in combination. 
Iron is attracted by a magnet. It reacts with 
dilute hydrochloric acid to give hydrogen which 
burns with a ‘pop’ sound whena burning splint is 


FIG. 3.1, Decomposition of lead (II) nitrate on heating. 


Experiment 2; Copper (II) carbonate is a green 
powder. If a small amount of the substance is 
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Oxygen 
(46.43%) 


All others _ 
Hydrogen (0.127%) 
Magnesium (2.1%) 
Potassium (2.6%) 
Sodium (2,85%) 


Calcium (3.62%) 


Silicon 
(27.77%) 


tron (5.12%) 
Aluminium (8.14%) 
FIG. 3.3. Composition of the earth’s crust. 


introduced into the test tube in which the acid 
is reacting with the metal. Sulphur dissolves in 
carbon disulphide. 

When these two elements are mixed together 


separate particles of the two elements can be — 


seen in the mixture by a magnifying lens. There 
will be slight difference in the composition of 
the mixture if collected from two different posi- 
tions. Hence the mixture is heterogeneous. If the 
mixture is reacted with dilute hydrochloric acid, 
there is effervescence producing hydrogen gas. 
If carbon disulphide is added to the mixture, 
sulphur would dissolve. Iron will be attracted by 
a magnet even when mixed with sulphur. 

Thus, both iron and sulphur retain their pro- 
perties in the mixture. They can be separated by 
physical methods such as dissolving in carbon 
disulphide and attraction by a magnet. 

A mixture may be defined as a substance for- 
med by two or more substances (elements or com- 
pounds) whose particles are in intimate contact 
with each other but without chemical combination. 

Heat the mixture of iron and sulphur-in a test 
tube. When the mixture starts to glow, remove 
the flame. You will notice that the glow conti- 
nues even after removal of the flame, indicating 
evolution of heat. The reaction between iron and 
sulphur is therefore an exothermic reaction. Cool 
the test tube. On examining the residue by a 
lens, you will not see the particles of iron and 
sulphur separately, Instead a black solid is for- 


med. When a magnet is taken close to the resi- 
due, particles are not attracted. When carbon 
disulphide is added to a small portion of the 
residue, the liquid no more contains sulphur. 
When dilute hydrochloric acid is added there is 
effervescence producing hydrogen sulphide gas 
which smells like rotten egg and turns moist lead 
acetate paper black. 

The new substance formed is iron (II) sul- 
phide which has completely different properties 
from iron and sulphur. It is a compound of iron 
and sulphur. s a 

Fe + S +> FeS 
iron sulphur _ iron (II) 
sulphide 


When dilute hydrochloric acid is added to 
iron (I) sulphide, the gas evolved is hydrogen 
sulphide. 


FeS+ 2HCl > 


FeCl + HS 
hydrochloric _iron (II) hydrogen 
acid chloride sulphide 


A compound may be defined as a substance 
formed by chemical combination of two or more 
than two elements in a fixed proportion by mass 
such that the properties of the compound are 
different from the properties of the constituent 
elements. 

The differences between a mixture and a com- 
pound are summarised in Table 3.2. 


Air—A Mixture 

1. While the composition of air is generally 
constant, slight differences exist from place to 
place. The air at higher altitudes contains less 


oxygen. 


2. Air when subjected to intense cooling to .~ 


200°C. changes to liquid air, from which oxy- 
gen and nitrogen can be separated by fractional 
distillation. This is a physical method of separa- 
ting the constituents. - — 

3. The properties of oxygen and other gases 
are present in air. Oxygen present in air sup- 
ports burning of substances as it does when 
present alone; lime water when exposed to air 


mee! 


Table 3,2 Differences between a mixture and a compound 
a LO 


Compound 


S.No. Mixture 
1 When a mixture is prepared, very little or no energy When a compound is formed an energy 
change takes place. change takes place; usually heat is 
given out. 
2 Formation of a mixture is a physical change. Formation of a compound is a chemi- 
cal change. 
3 Separate particles of the constituents of a mixture Separate particles of the elements pre- 
can usually be seen: sent in a compound cannot be seen. 
4 The constituents retain their individual properties. The properties of a compound are 
No new substance is formed. completely different from those of its 
component elements. It is a new sub- 
stance. 
5 The constituents can be separated by physical me- Physical methods cannot separate the 
thods. component elements of a compound. 
6 The constituents of a mixture need not be mixed in The constituents of a compound are in 


a fixed proportion. 


for a long period of time turns milky due to the 
carbon dioxide present in air. 

4, If the individual gases present in air are 
mixed in the same proportion as they are found 
in air, there is no evolution of heat or any other 
form of energy. The gases mix together without 
any chemical change. 


Water—A Compound 

1. Water is formed by a chemical change 
when hydrogen burns in oxygen. These elements 
cannot be separated from water by physical 
methods. 

2. The properties of the component elements, 
hydrogen and oxygen, are not retained in water. 
Both oxygen and hydrogen are gases at room 
temperature whereas water is a liquid. 

3. It has been found experimentally that in 
water, hydrogen and oxygen are present ina 
fixed proportion by mass. One part by mass of 
hydrogen combines with eight parts by mass of 
oxygen. 

For these reasons, we can say that water is a 
compound of hydrogen and oxygen. 


‘3.3 Separation of Components of a 
Mixture 


If a bagful of coins containing 5, 10. and 25 
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a fixed proportion. 


paisa coins is spread out in front of you, it is 
quite easy for you to separate them out into 
three different piles, each pile containing coins 
of the same denomination. It is equally easy -to 
separate out marbles and stones when they are 
mixed together. Quite often chemists are faced 
with the problem of separating substances when 
the difference between different kinds of sub- 
stances is not so distinct, and hence the separa- 
tion is not easy. Let us study some of the sim- 
ple methods which chemists use in the separa- 
tion of substances present in a mixture. 


Solution 


When some sugar is added to water, a solution 
of sugar in water is obtained, which tastes sweet. 
The molecules of sugar crystals separate from 
the solid, diffuse between the molecules of water - 
and move between them (Fig. 3.4). 


The substance that does the dissolving is called 
the solvent and the substance that gets dissolved 
is called the solute. The homogeneous (which is 
uniform throughout) mixture of the solute and 
solvent is called the solution, 

Thus in the solution of sugar in water, sugar 
is the solute and water is the solvent. When a 
solution is heated, the solvent is removed as 
vapour. This process is called evaporation. When 


Sugar 
molecules 


Sugar crystal 


FIG. 3.4. Dissolution of sugar in water. 


the entire solvent has evaporated, the solute is 
left behind. 

Liquids other than water may act as solvents. 
Iodine, sulphur and phosphorus are not soluble 
in water, but they all dissolve in carbon disul- 
phide. Carbon tetrachloride also dissolves sul- 
phur. Chloroform can dissolve iodine. Grease 
dissolves in petrol, hence petrol is used for dry 
cleaning of clothes. Paints and oils dissolve in 
turpentine oil. 

Sulphur, phosphorus and iodine are soluble 
in carbon disulphide, but insoluble in water. 
Melting and Dissolving 
The terms melting and dissolving are often con- 
fused. A solid melts by itself when it is heated 
till it changes to a liquid (melting point). A solid 
will dissolve with the help of another substance 
called the solvent. 

A solid must be heated in order to melt it. 
Dissolving may take place without heating. 
Common salt dissolves readily in cold water 
whereas it will melt only at about 800°C. 


1, Separation of Solids in a Mixture 

Experiment 3: Take a mixture of sodium chlo- 
ride (common salt), powdered sulphur and 
sand. On observing the mixture through a mag- 
nifying lens you can see three different kinds of 
particles in the mixture. 

Take about 10 g of the mixture in a beaker. 
Half fill the beaker with water, heat and stir 
well. The sodium chloride present in the mixture 
dissolves in water. Pour the liquid througha 
filter paper fixed in a funnel. Take care that the 


liquid does not fill more than three-fourths of 
the height of the filter paper. This is to avoid 
overflow of the liquid (Fig. 3.5). 


Qa 
Te we 


FIG. 3.5. Separation by filtration. (a) Folding of a filter 
paper. (b) Filtration. 


Filtrate 


The filtrate is a solution of soaium chloride 
in water. The residue on the filter paper isa 
mixture of sand and sulphur. Wash the residue 
two or three times with hot distilled water to 
free the mixture of any remaining sodium chlo- 
ride and collect the filtrate in the same contai- 
ner. Heat the filtrate in an evaporating dish to 
get crystals of sodium chloride (Fig. 3.6). 


Evaporating 
dish’ 


FIG. 3.6. Evaporation. 


Dry the mixture of sand and sulphur left on 
the filter” paper. Take the mixture in a beaker 
and add some carbon disulphide, which dissolves 
sulphur. Filter in an evaporating dish. Sand ‘is 
left. on the filter paper and is thus collected 
separately. The filtrate, which is a solution of 
sulphur in carbon saad is allowed to eva- 
porate at room temperature. Carbon’ disulphide 
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being volatile, evaporates leaving yellow crystals 
of sulphur. Carbon disulphide is a flammable 
liquid and should not be directly heated by a 
flame. 

In this experiment you will notice that when 
the mixture is added to water, tiny particles of 
sand-and sulphur do not settle down but remain 
floating and form a suspension. The bigger par- 
ticles settle down/at the bottom forming a sedi- 
ment. When the liquid is run off gently without 
disturbing the sediment at the bottom, the pro- 

_ cess is called decantation. 


2. Separation by Sublimation 

Experiment 4: Puta small amount of ammonium 
chloride in a dry test tube and heat. You will 
observe that the solid changes into gas when 
heated and when the fumes go up in the test tube 
they change back to solid on cooling, without 
changing to the intermediate liquid state. Such 
substances are said to undergo sublimation and 
the solid deposited on the cooler part of the 
test tube is called a sublimate (Fig. 3.7). 


Ammontum 
chloride 


FIG, 3.7, Sublimation of ammonium 
chloride. 


When such a substance is mixed with other 
substances which do not sublime, separation by 
heating is possible. is 


Experiment 5: If common salt is mixed. with 
ammonium chloride and the mixture is heated 


) 


in an evaporating dish, ammonium chloride will 
sublime and can be collected as a sublimate on 
the inner walls of a funnel which covers the 
dish (Fig. 3.8). 


Cotton wool 


Sublimate 


Mixture containing 
common salt and 
ammonium chloride 


FIG, 3.8. Separation of common salt and ammo- 
nium chloride by sublimation. 


The sublimate is then scraped off. A cotton 
wool plug at the open end of the funnel checks 
the fumes from going out in the air. 

Iodine also sublimes. This property is used in 
getting pure iodine from an impure sample of 
iodine. 

3. Separation of Immiscible Liquids 

Experiment 6: Put about 5 cm? of carbon disul- 
phide and 20 cm} of water into a beaker. You 
will notice that the liquids form two layers and 
do not mix with one another. They are said to be 
immiscible. The more dense carbon disulphide 
forms the lower layer. 

Transfer the two liquids into a Separating 
funnel. Hold the funnel vertically, remove the 
stopper and run the heavier carbon disulphide 
into a receiver (Fig. 3.9). Stop the flow of the 
liquid when the line dividing the two liquids 
reaches the hole of the tap. Change the receiver 
and run down the water left into another 
receiver, 
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Water 


Carbon disulphide 


Carbon disulphide 


FIG. 3.9. Separation of immiscible liquids by 
separating funnel. 


Kerosene oil is immiscible with water and, 
being lighter than water, forms the upper layer 
in the separating funnel. Benzene and ether are 
also immiscible with water and are lighter than 
water. Carbon tetrachloride is heavier and im- 
miscible with water. Thus a mixture of water 
with these liquids can also be separated by this 
method. 


4. Separation of Miscible Liquids 

Liquids which mix with each other are called 
miscible liquids. Alcohol and water are comple- 
tely miscible. Alcohol boils at 78.5°C and water 
boils at 100°C. They can be separated by disti- 
lation, a process by which a liquid when heated 
changes to vapour which when cooled changes 
back to liquid. 


Experiment 7: Half fill a distillation flask with 
the mixture of alcohol and water. Add a few 
pieces of broken porcelain to avoid bumping. 
Heat the mixture and collect the distillate at 
about 80°C. This contains all the alcohol in the 
mixture and a little water which also vaporises 
to some extent. Throw away the liquid left in 


the flask and fill it with the distillate and distil 
again. The distillate will now be richer in alcohol 
(Fig. 3.10). 


Thermometer 
Water Out 


SW Liebig 
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Mixture 


of alcohol 
and water 


Water in 


Broken 
porcelain 


Distillate 


FIG. 3,10, Distillation. 


If this process were repeated several times, 
the distillate finally obtained at about 80°C will 
be a sample of alcohol containing very little 
water. If any solid is dissolved in the liquids, it 
is left behind in the distillation flask. 


FRACTIONAL DISTILLATION 

Collecting the distillate and re-distilling several 
times takes a long time and the final distillate 
is very small in quantity. This can be avoided 
by using a fractionating column which gives the 
effect of several distillations (Fig. 3.11). 

There are many types of fractionating columns 
of which one is shown in Fig. 3.11. 

‘When the mixture is heated, the vapour rises 
up the column, cools and condenses and falls 
back into the flask. The hot vapour going up 
the column meets the liquid falling down, and 
a portion of the falling liquid changes to vapour 
again. In this way the change of liquid to vapour, 
and the vapour back to liquid, takes place seve- 
ral times in the factionating column. This gives 
the effect of several distillations and the vapour 
which finally enters the condenser contains the 
liquid with the lowest boiling point. Thus almost 
pure alcohol can be obtained from aqueous 
alcohol. Si 
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Mixture of alcohol 


Broken and water 


porcelain 
FIG. 3.11. Fractional distillation. 


The separation of two or more miscible liquids 
by distillation making use of the difference in 
their boiling points is called fractional distilla- 
tion. The different liquids are collected in sepa- 
rate receivers at their respective boiling points. 


INDUSTRIAL APPLICATIONS OF FRACTIONAL 
DISTILLATION 

Fractional distillation is widely used in industry 
to purify and separate miscible liquids. Some 
of them are mentioned in the following. 


(i) Fractional distillation of petroleum: Crude 
petroleum, a black oily liquid, obtained in the 
earth’s crust, is subjected to fractional distilla- 
tion in_ industrial fractionating columns 
(Fig. 3.12). It gives a number of useful fractions 
at different temperatures. 

(a) Gaseous hydrocarbons, which are used as 
fuels. 

(b) Naphtha from which petroleum ether and 
petrol or gasoline are obtained. Petroleum 
ether is used asa solvent and petrol is 
used as a motor fuel. 


22 


=—» Naphtha 


Po —» Kerosene 
oil 


—~ Diesel 
oil 


_.. Lubricating 
oll 


Petroleum 
——+ Bitumen 


FIG. 3.12. Fractional distillation of petroleum. 


(c) Kerosene or paraffin oil which is used as 
a domestic fuel and as a fuelin jet engines. 

(d) Diesel oil which is used as a fuel in diesel 
engines and for obtaining petrol by 
cracking. 

(e) Lubricating oil which’is used as a lubri- 
cant and for obtaining vaseline and para- 
ffin wax. Vaseline is used in cosmetics 
and wax is used for manufacturing poli- 
shes and candles. 


(ii) Manufacture of oxygen and nitrogen: Air 
is the cheapest and the most widely available 
source of oxygen. Air, free from carbon dioxide 
and water vapour, is compressed so that it 
exerts a pressure of 200 times the normal atmo- 
spheric pressure. The compressed air is allowed 
to expand through a small hole. Intense cooling 
takes place. The cooled, expanded air is used 
to cool a fresh lot of compressed air, which on 
expansion will cool further. This is repeated till 
the air is cooled to such as extent that it changes 
to liquid air. 


The temperature of liquid air is about — 200°C. 
The liquid air is allowed to evaporate slowly 
when nitrogen, which has a boiling point of 
—196°C escapes out as gas leaving liquid 
oxygen, which has a boiling point of — 183°C. 
The liquid air is then filled into strong steel 
cylinders (Fig. 3.13). 


Pure air 


Nitrogen 


Compression, |°" ~* 
cooling and-F. 
evaporation |* 


Liquid air Liquid 


oxygen 
FIG. 3.13. Manufacture of oxygen from liquid air. 


If pure oxygen and nitrogen are needed, 
liquid air is subjected to fractional distillation 
using industrial columns. 


(iii) Manufacture of pure alcohol: Alcohol is 
obtained by the fermentation of sugar or 
starch, The dilute solution of alcohol, when 
subjected to fractional distillation, gives about 
95.5% pure alcohol which is called rectified 
alcohol from which absolute (100% pure) alcohol 
is obtained. 
5. Chromatography 
Chromatography is a method of separating 
the components of a mixture. It is particularly 
very useful when the mixture is available in very 
small quantities. A Russian botanist, Mukhail 
Tsvett, in 1906 discovered that the coloured 
chlorophyll pigments in green leaves. could be 
separated by passing a solution of these pig- 
ments in ether through a tube containing powder- 
ed-calcium carbonate. This marked the begin- 
ing of chromatography as we know it today. 
Chromatography means ‘colour writing’. The 
technique was originally applied for separating 
coloured substances from a mixture. Nowadays 


it is applied to separate colourless as well as 
coloured substances. It has been successfully 
applied to separate and to identify mixtures of 
substances which have very similar physical and 
chemical properties, and which require lengthy 
separation processes, ¢.g. amino acids and 
sugars. This technique is also useful in separat- 
ing and identifying substances which are present 
in very small amounts in a mixture. 

There are three important techniques of 
chromatography: paper chromatography, column 
chromatography and gas chromatography. We 
will only discuss paper chromatography here. 


PAPER CHROMATOGRAPHY 

There are several methods of separation of sub- 
stances by this technique. Two simple methods 
of separation of different dyes (colouring matter) 
in ink using paper are described in the following. 


Experiment 8: Make a hole in the centre of a 
filter paper. Roll a strip of another filter paper 
and put it into the hole. Put a very small spot 
of black ink near the hole and leave it to dry. 
Half fill a petri dish or an evaporating dish with 
water. Place the filter paper on the dish (Fig. 
3.14). Leave the paper for about half an hour. 
You will see bands of different dyes (present in 
the ink), at different distances from the centre. 


Hole 


Spot of 
black ink 


FIG. 3.14. Separation of dyes in ink by paper 
chromatography. 


The water rises up the wick, spreads across 
the filter paper and carries the dyes with it. 
Some dyes stick more firmly to the fibres of the 
filter paper than others. The dye that sticks most 
firmly remains ‘nearest to the hole and the dye 
that sticks least goes furthest. The different 
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rates of movement of dyes by the moving water 
causes the separation. 

Another simple but a better method of paper 
chromatography is as follows. 


Experiment 9: Apply a spot of black ink on a 
strip of filter paper. Fix the filter paper to a 
cork in a boiling tube, dipping the bottom end 
of the filter paper in a’suitable solvent; a mix- 
ture of one volume of methanol. and nine 
- volumes of water works well in this case. The 
solvent rises up the paper by capillary action 
and dissolves the dyes in the ink (Fig. 3.15). 
As the solvent rises up, it carries the dissoly- 
ed substances with it. Each dye travels at a 
different rate depending on the extent to which 
it is adsorbed and retained by the filter paper. 
Thus the components are separated over the 
sheet of filter paper. 
This method has been standardised to such 
an extent that itcan be used to identify com- 
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FIG, 3.15. Separation of dyes in ink by paper 
chromatography. 


pounds by their final position on the paper 
chromatogram. This technique is also very use- 
ful in analysing a mixture of amino acids. 


_ Acetone, another solvent, is used for separating 


different components in chlorophyll. 


PROBLEMS 


1, (a) Define the following terms: element, com- 
pound, fractional distillation. 
(b) Give two industrial applications of fractional 
distillation. 
(c) Name three products obtained by fractional 
distillation of petroleum and give two uses of 
each of the substances mentioned by you. 


2. Give three differences between a mixture and a 
compound. 


3. (a) Give three reasons to believe that air isa 
mixture, 
(b) How would you justify the statement that 
water is a compound? 


4, Gun powder isa mixture of charcoal, potassium 
nitrate and sulphur. How would you obtain each 
of them separately in solid state ? 


5. (a) Describe briefly how you would separate ben- 
zene (B.P. 80°C) and aniline (B.P. 184°C), 

(b) A mixture of benzene and water is taken in a 
bottle. A finely powdered mixture of naptha- 
lene, sodium chloride and chalk is added to 
the mixture of the two liquids and shaken 


well. The liquids are allowed to settle down. 
What would you observe after about ten 
minutes? 
6. (a) How would you obtain distilled water from 
water in which some ink is dissolved? 
(b) Give the differences between evaporation and 
sublimation, 


T. Which of the following substances are mixtures and 
which are compounds. 


(a) Milk (b) Wax (c) Pure water 
(d) Sea water (e) Sugar (f) Rust. 

8. What reasons can you give to show that sodium 
chloride is a compound? 

9. Fill in the blanks in the following. 


(a) Benzene and water are 
can be separated by. 


(b) Pure iodine can be obtained by the process 
called. s 


(c) Greasy spots can be removed from clothes by 


liquids and 


10. Which of the following statements are true and 
which are false? 


24 


(a) Common salt 1s obtained from sea water by 
distillation. 

(b) A substance containing all similar particles is 
either an element or a compound. 

(c) A mixture is heterogeneous and a compound 
is homogeneous. 

(d) The components of a mixture can be separated 
by chemical processes. 


11, What would you observe when 
‘(a) dilute hydrochloric acid is added to a mixture 


of iron and sulphur. 

(b) a mixture of iron and sulphur is heated and 
then cooled. To the cooled residue dilute 
hydrochloric acid is added. 

Write the relevant equations for the reactions. 
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12. Define the term sublimation. How would you ob- 
tain pure ammonium chloride when it contains 
potassium chloride as an impurity. 

13. What do you understand by chromatography? Why 
is this technique very useful? 

14, Describe a method of separating the dyes present 
in black ink. 


15. (a) How is oxygen obtained on a large scale? 
(b) What is rectified alcohol? How is it obtained? 
(c) Draw the diagram of the apparatus used for 
separating benzene and water when mixed 
together. 


16. Give reasons to show that air is a mixture of gases 
and ammonia is a compound. 


4 


Seale AYOUNE-UE 


The Earth is surrounded by a layer of air, called 
the atmosphere, which extends to a height of 
about 300 km. Air is essential for breathing. 
We cannot survive without air. Mountaineers, 
when they climb high mountains such as Mt. 
Everest, have to carry their own supply of oxy- 


gen because at high altitudes the amount of - 


oxygen in the air is not sufficient for normal 
life. Water contains dissolved air, which is 
essential for the survival of the animals living 
under water. Man-made satellites must be made 
to orbit above 300 km from the earth, where 
there is no air, so that they are not slowed 
down or burnt by too much friction with air. 


4.1 Burning in Air 


Experiment 1: Light a candle and place it on 
the table. Cover it with a jar (Fig. 4.1). You will 
notice that it blows out within a few minutes. 
Thus burning of any substance requires the pre- 
sence of air. Let us study which part of air is 
used up in burning. 


Experiment 2: Float an evaporating dish con- 
taining white phosphorus in a trough of water 
and place a bell jar over it. Divide the space 
above the level of water into five equal parts 
[Fig. 4.2(a)]. Burn the phosphorus by touching 
it with a hot iron wire. Withdraw the wire and 
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FIG. 4.1, Air is necessary for 
burning. 


quickly put the stopper on the bell jar. The 
phosphorus burns with a yellow flame giving 
off dense white fumes. 

While the phosphorus is burning, you may 
notice that the level of water inside the bell jar 
goes down slightly at first. The heat produced 
by burning of phosphorus causes expansion of 
air; hence the level of water falls in the beginning. 

After some time phosphorus stops burning. 
When the gases inside the jar cool down, the 
level of water inside the jar rises up to the first 
mark [Fig. 4.2(b)]. This shows that one-fifth of 
the air has been used up in burning. It is this 
part of the air which supports burning of subs- 
tances in air, Water takes its place. 

Remove the stopper of the bell jar and quick- 
ly introduce a lighted splint into it. The splint is 
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(b) After burning 


FIG. 4.2, Oxygen is used up in the. burning of 
phosphorus. 


extinguished. Thus the four-fifths part of the 
air left over does not support burning.. Air, 
therefore, contains at least two gases. The active 
part of the air which supports burning is oxygen. 
The inactive part which does not support burn- 
ing contains mainly nitrogen. 

You will also notice that the dense white 
fumes disappear after some time by dissolving 
in water. These fumes are of a new substance 
formed by the combination of phosphorus with 
oxygen of the air. The substance formed by the 
combination of oxygen is called an oxide. 

The substance formed in this reaction is called 
phosphorus (V) oxide or phosphorus pentoxide. 
It dissolves in water forming orthophosphoric 
acid. F 

P4502 > PAOin ” 
phosphorus 
(V) oxide 


P,010+6H20 — 4H3PO4 
orthophos- 
phoric acid 


4.2 Change of Mass During Burning 


Experiment 3: Weigh a clean and dry crucible 
with the lid. Put about 10 cm long folded mag- 
nesium ribbon in the crucible, cover it with the 
lid and. weigh again: Remove the’ lid and heat 
the crucible strongly. As soon as the ribbon be- 
gins to burn; cover ‘the crucible with the lid 
[Fig. 4.3(a)]. ; 

Raise the lid slightly so'as to allow the air to 
enter; but make sure that the white particles of - 
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magnesium oxide do not go out of the crucibie. 
Cover the crucible with the lid and coo! if in a 
desiccator [Fig. 4.3(b)]. This is. to avoid any 
water vapour from the air condensing on the 
crucible. Weigh the crucible containing magne- 
sium oxide with the lid. You have taken the 
following three weights. 


Mass of crucible with lid =a g (say) 
Mass of crucible, lid and magnesium = b g 
Mass of crucible, lid and magnesium oxide 
Hence, mass of magnesium =(b—a) g 

and mass of magnesium oxide =(c—a) g 


Ciay pipe triangle 
Lid 


Magnesium ' Crucible 


Anhydrous 
calcium chloride 


(b) 
FiG. 4.3. Magnesium increases in mass on burning. 


You will notice that the magnesium oxide 
weighs more than the magnesium. The increase 
in mass is due to the mass of oxygen of the air 
which has combined with magnesium. Hence 
oxygen, and therefore air, has mass. 

The products of burning in air contain a 
greater amount of matter than the original 
substance. 


4.3 Products of Burning of a Candle 


Experiment 4: Set up the apparatus as shown 
in Fig. 4.4. Light a candle and run the pump 
so that the gases produced by the burning of 
the candle are drawn through the apparatus. 


—+- 


To suction 
pump 
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FIG, 4.4. Water vapour and carbon dioxide are 
produced when a candle burns, 


You will notice that the cobalt chloride paper 
in the tube turns from blue to pink, showing 
that water vapour is one of the products of 
burning. The lime water in the bottle turns 
milky indicatihg that carbon dioxide is also 
formed. ; 

Energy in the form of light and heat is given 
out when the-candle burns, Coal and oil are 
burned in power stations; petrol is burned in 
petrol engines. They all produce carbon dioxide 


and water vapour along with some form of 
energy. 


4.4 Determination of Oxygen 
Content of Air 


Experiment 5: Phosphorus smoulders in air, a 
process in which phosphorus slowly combines 
with oxygen at room temperature forming phos- 
phorus pentoxide, 

Take a long graduated glass tube, fill it to a 
depth of about 10 cm with water and insert the 


tube in a deep jar filled with water. Move the 
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graduated tube up and down so that the level of 
water inside the tube is the same as that in the 
jar. Then the air inside the graduated tube is at 
atmospheric pressure. Note the volume of air 
inside the tube, the atmospheric pressure (using 
a barometer) and the temperature (using a 
thermometer). 

Tie a piece of yellow phosphorus to one end 
of a flexible wire and push the flexible wire with 
the phosphorus into the graduated tube 
[Fig. (4.5(a)]. The phosphorus smoulders and 
combines with oxygen of the air. As the reaction 
proceeds, the water level inthe tube rises. After 
the phosphorus ceases to smoulder, allow the 
apparatus to cool to room temperature. 


(a) Phosphorus beginning (b) After phosphorus 
to smoulder, ceases to smoulder. 
FIG. 4.5. Determination of oxygen content of air. 


The level of water inside the graduated tube 
rises to A [Fig. 4.5(b)]. The graduated tube. is 
again moved down to bring the level of water 
inside the tube to the level. of water in. the jar 
so that the volume of the gas left (mainly 
nitrogen) is again read off at the atmospheric 
Pressure and room temperature. The volume of 
oxygen is found by calculating the difference of 
the original volume of air and the volume of 
gases left. The percentage of oxygen in air at 
foom temperature is calculated as follows: 


Percentage by _ Yolume of oxygen x 10C 
volume of oxygen Total volume of air 


The percentage of oxygen at STP can be 
found out by using the gas equation about 
which you would study later on. 


4.5 Carbon Dioxide in Air 


Experiment 6: Carbon dioxide is present in air 
in a very small quantity. It is formed by the 
combustion of fuels such as coal, coke, petrol, 
etc. Animals breathe out carbon dioxide as a 
waste product. 

The presence of carbon dioxide in air can 
be shown by bubbling air through lime water for 
some time (Fig. 4.6). 


Air ——e. 


To suction 
pump 


-Lime'water 


FIG. 4.6. Air contains carbon dioxide. 


The lime water turns milky showing the pre- 
sence of carbon dioxide in air. The carbon 
dioxide content of air is about 0.03% by 
volume. 


4.6 Water Vapour in Air 


The upper part of the atmosphere carries clouds 
which give us rain. Ponds, wet clothes, etc. are 
always drying up due to evaporation of water. 
This suggests that water vapour ‘is present in 
the air around us. 

Water turns dry cobalt chloride paper from 
blue 10 pink. This can be used to test the pre- 
sence of water. 


Experiment 7: Mix a few pieces of ice with a 
small amount of common salt. This is called 
freezing mixture. It has a temperature lower 


than that of pure ice. Fill a conical flask with 
the mixture. Allow it to stand for about 20 
minutes, 


Freezing 
mixture 


Ice 


4—Drops of water 


é 
Water! 


weds Watch glass 


FIG. 4.7. Air contains water vapour. 


Drops of water are formed on the flask and 
can be collected in a watch glass. These drops 
change cobalt chloride paper from blue to pink. 
If sufficient water is collected and its boiling point , 
is determined, it is found to be 100°C at sea 
level. Hence it is pure water. This water has been 
obtained by the condensation of water vapour 
present in the surrounding air. 

The condensation of water vapour in air is 
shown in the formation of cloud and fog. 


4.7 Detection of Carbon Dioxide in 
Exhaled Air 


During respiration, air is breathed into the 
lungs. From there a portion of it enters the 
blood. A part of this air reacts with the digested 
food and the waste gases pass from the blood 
_stream to the lungs from where it is breathed 
out. 


Experiment 8; Set up the apparaturs as shown 
in Fig. 4.8. Open the clip A and close the clip 
B, Suck in air through the tube at M. The air 
bubbles through the bottle C. Now close the 
clip A and breathe out the air which passes 
through the lime water in bottle D. Repeat this 
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FIG. 4.8. Exhaled air contains a greater 
proportion of carbon dioxide. 


several times. The lime water in the bottle C 
remains unchanged, whereas the lime water in 
D turns milky. 

The amount of carbon dioxide originally pre- 
sent in air is so small that the lime water in the 
bottle C remains almost unchanged. Exhaled 
air contains a much greater proportion of car- 
bon dioxide and hence the lime water in the 
bottle D. turn milky. 

A small portion of oxygen (about 4 %) in the 
inhaled air is used by usto oxidise food. The slow 
oxidation of food produces heat energy which 
keeps our body warm and is used for muscular 
activities. The energy liberated in the oxidation 
of food does not, however, produce high tempe- 
rature and light which are associated with burn- 
ing. The exhaled gases contain about 17 per cent 
of oxygen as compared to about 21 per cent pre- 
sent in ordinary air. The approximate composi- 
tion of inhaled and exhaled air by volume is 
shown in Table 4.1. 


Table 4.1 Composition of inhaled and exhaled air 


by volume 
ee 
Inhaled air Exhaled air 

a gg Ss 

Nitrogen 78.1% BAY 

Oxygen 20.9% 171% 

Carbon dioxide —_—-0,03% 4% 

Noble gases 0.957% 0.95% 


eae UE RNa RRR SRR peepee nee 
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4.8 Noble Gases 


In 1892 Lord Rayleigh found that the nitrogen 
obtained from liquid air, after removal of oxy- 
gen, was denser than chemically prepared nitro- 
gen. Ramsay, working in close consultation with 
Lord Rayleigh, discovered that this atmospheric 
nitrogen obtained after removal of oxygen, 
carbon dioxide and water vapour from air con- 
tained other gases, called noble gases. Later 
work, using spectroscopy, established the pre- 
sence.of these gases in the air. 

Besides oxygen, nitrogen, carbon dioxide and 
water vapour, noble gases are present in small 
quantities in air. They are helium, neon, 
argon, krypton and xenon. There is another 
noble gas called radon, obtained by the distinte- 
gration of radium. These gases are very inactive 
and they hardly react with other chemicals. 


4.9 Gases in Air and Their Uses 


Careful measurements show that the approxi- 
mate composition of air by volume is as given in 
Table 4.1 (see composition of inhaled air). 
Water vapour and other impurities are present 
in small amounts. 

1. The composition of airis generally the 
same in the atmosphere everywhere near the 
surface of the earth. The percentage of water 
vapour, however, varies considerably from place 
to place and from time to time. It provides 
moisture for the growth of plants, controls the 
climatic conditions and the moisture content of 
the body. 
~ 2. Nitrogen, the most abundant of all gases, 
is quite non-reactive. One use of nitrogen is, 
however, quite clear. If the air contained mostly 
oxygen, even small fires would turn into huge 
explosions and cause great damage, Thus it 
dilutes the effect of oxygen. Nitrogen is taken in 
by some plants directly to produce proteins. 

3. Carbon dioxide is required by plants for 
manufacturing their food called carbohydrates, 
such as sugar and starch, by photosynthesis. 


3. The noble gas, helium, is used in» weather 
balloons and in the gases used by deep sea 
divers. Neon and argon are used in ‘tube lights 
for advertisements.“Argon is preferred to nitro- 
gen in electric bulbs because of its inertness 
and low thermal conductivity. 


4,10 Pollution of Air 


Besides water vapour, other impurities present in 
air are harmful. Burning of coal produces 
carbon monoxide, sulphur dioxide and hydrogen 
sulphide. It also produces large quantities of 
unburnt carbon, tarry matter and fine dust parti- 
cles. These settle down on plants and retard 
their growth. Incomplete combustion of petrol 
and diesel in engines also produces carbon 
monoxide. When inhaled with air, all these im- 
purities cause respiratory disorders such as con- 
gestion in respiratory tracts and lungs, and 
allergies. 


Forests are regularly being cut down to accom- 
modate_ the increasing population in the world. 
Besides causing other problems, this leads to an 
increase in the carbon dioxide content of the 
atmosphere, as plants help in removing’carbon 
dioxide of the air which is utilised to manufac- 
ture food in the process of photosynthesis. The 
carbon dioxide content of the air is already near- 
ing 0.04%. An increase in the carbon dioxide 
content leads to an increase in the temperature 
of the earth, as carbon dioxide helps in stopping 
the heat of the earth from escaping out into the 
atmosphere. If deforestation is continued, and 
the carbon dioxide content of the air keeps on 
increasing, a time will come when the earth’s 
temperature will increase to such an extent as to 
cause large scale melting of ice in the polar ice 
caps, causing flooding of large portions of land. 

Deforestation also leads to soil erosion and 
decrease in rainfall. 

This is why so much stress is now being laid 
on growing trees. 


PROBLEMS 


1. When phosphorus is burnt in a dish floating on 
water and covered with a bell jar, some of the ob- 
servations are as follows: 


(a) The water level initially goes down. 

(b) The level then rises by one-fifth of the volume 
of air in the jar. 

(c) Dense white fumes are produced which slowly 
disappear, 

Explain each of the above observations. 

2. Describe an experiment to find the percentage of 
oxygen by volume accurately in the laboratory. 


3. (a) Give the approximate composition of air by 
volume. 
(b) What ate the functions of nitrogen and carbon 
dioxide in the air? 


4. (a) Give the differences in the composition of in- 
haled air and exhaled air in respiration. 
(b) What led to the discovery of noble gases? 


5. Describe an experiment to show that exhaled air 
contains more carbon dioxide than inhaled air. 
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6. Describe an experiment to show that thereis in- 
crease in mass when substances burn in air. 

7. Describe an experiment to show that carbon di- 
oxide and water are produced when a candle burns. 
What does this experiment show about the compo- 
sition of a candle? 

8. Mention some of the causes and effects of atmos- 
pheric pollution. 

9. Explain the following. 

(a) Lime water bottle should not be kept open. 

(b) A glass containing ice and water becomes 
misty. ‘ 

(c) A flask containing boiling mercury gets covere 
with a red powder. 

(d) Helium is preferred to hydrogen in weather 
balloons. 

10. (a) Compare combustion and respiration. 

Give at least four differences between the two 
processes. 

(b) If a green plant is placed in a-closed jar in 
daylight, what al! would you observe? Give 
reasons for your answer. 


11, Fill in the blanks in the following. the growth of plants. 


(a) The proportion of carbon dioxide and oxygen (©) The slow oxidation of phosphorus by oxygen 


remains constant due to two processes, of the air is called —————-. 
and. a (d) The noble gas filled in electric bulbs is 
(b) The gas present in air is essential for because of its ————and 
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Water and Solution 


Water is the most widely distributed liquid on 
earth, About 73 per cent of the earth's surface 
is covered with water of the lakes, rivers, seas 
and oceans. Water is present as vapour in the 
air and as clouds in the upper atmosphere. The 
soil contains large quantities of water which is 
essential for the growth of plants. Without water 
all human beings and animals would die of 
thirst, It is essential for cooking and washing. 

Our foods contain large quantities of water; 
from 3 to 4 percent in dry cereals such as maize 
and wheat to about 90 per cent in tomatoes 
and fresh green vegetables. Milk contains about 
88 per cent of water. In fact, our body contains 
nearly 65 .per cent of water. It is impossible to 
imagine life without water. 


5.1 The Water Cycle 


The circulation of water from the earth’s surface 
to the atmosphere and back to the earth is called 
the water cycle (Fig. 5.1). Water is constantly 
going into the atmosphere by evaporation from 
oceans, rivers and lakes. Plants give out large 
amount of water vapour during transpiration. 
This water vapour condenses and returns to the 
earth in the form of rain, snow and hail. Thus 
rain water is formed by evaporation of water 
followed by condensation. Hence it is the purest 
form of water found in nature. It is naturally 


tad 


tn 


Cloud 


impervious 
rock 


FIG, 5.1. The water cycle. 


occurring distilled water. However, it contains a 
small amount of dissolved air. 

Air is a great storehouse of water vapour. 
Attempts are being made to create artificial rain 
which will be helpful in times of drought. 


5.2 Properties of Water 


Physical Properties 


1. Water is a colourless and tasteless liquid. 

2. Pure water freezes at O°C and boils at 
100°C when the atmospheric pressure is 760 mm 
of mercury. The boiling point is the test for the 
purity of water. Solids when dissolved in water 
elevate (increase) the boiling point of water. At 
higher altitudes the boiling point of water 


decreases because of the decrease in the atmos- 
pheric pressure. Hence it is difficult to cook food 
on mountains. 

3. It is a neutral oxide and therefore does not 
have any effect on litmus. 

4, It has the maximum density of 1 g per cm? 
at a temperature of 4°C. Ice has lower density 
than water and can float on the surface of water. 
This makes it possible for marine life to exist in 
cold countries. 

5, Pure water is a bad conductor-of electricity 
and heat, But when salts are dissolved in it, it 
becomes a good conductor of electricity. 

6. Water is called a universal solvent because 
it is a powerful solvent for inorganic compounds. 
Many organic compounds also dissolve in water. 


Water is an ionising solvent because it brings 
about the dissociation of ionic compounds and 
forms ions. Dissolving of inorganic compounds 
is due to hydration of ions when an envelope of 
water molecules is formed around the ions. High 
dielectric constant (a property which reduces the 
force of attraction’ between ions) of water is also 
responsible for dissolving inorganic compounds 
in water. Ai Ps at tt 
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Chemical Properties 


ACTION OF WATER ON METALS 


1.: Action on’ sodium: If a small piece of 
sodium is put into a dish containing water, the 
metal changes to a silvery ball and reacts vigo- 
rously with water. It darts about the surface and 
hydrogen gas’ is produced with effervescence 
(Fig. 5.2). Yellow sparks are also visible at times 
because of burning of hydrogen and sodium 
vapour, which is produced by the heat liberated 
in the reaction. The hydrogen produced in the 
reaction pushes the metal to and fro. The metal 
becomes smaller and gradually disappears. A 
colourless solution of sodium hydroxide is left 
in the dish which can turn red litmus blue. 


2Na + 2H20 + 2NaOH + Hp» 
sodium water sodium hydrogen 
hydroxide 
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Water 
\ 


Sodium 


FIG. 5.2. Reaction of sodium with water, 


If the metal is wrapped in an iron wire gauze 
and put into a beaker containing water, the 
reaction produces effervescence. The hydrogen 
gas produced during the reaction can be collect- 
ed by downward displacement of water (Fig. 5.3). 


- Sodium 


FIG. 5.3. Hydrogen is liberated when 
sodium reacts with water, 


Hydrogen gas burns with a ‘pop’ sound when 
a lighted splint is introduced into the test tube 
containing the gas. 

Note: Sodium is kept immersed in kerosene 
oil because the water vapour present in air can 
react with the metal. The metal should always 
be handled by a pair of tongs because even the 
moisture of the hand is enough to react with the 
metal and leave blisters on the hand. 


2. Action on calcium: The metal is grey. in 
colour and is denser than water. If a small piece 
of the metal is put into water taken ina beaker, 
the metal sinks. Invert a test tube full of water 
over the piece of calcium as shown in Fig, 5.4. 

There is effervesence and the hydrogen gas 
liberated is collected by the downward displace- 
ment of water, Gradually the metal becomes 
smaller and finally disappears. A. white milky 


FIG. 5.4. Calcium reacts with water 
to produce hydrogen. 


suspension of calcium hydroxide is formed in 
the water. This is because calcium hydroxide 
is only slightly soluble in water. If red litmus is 
added to water, it turns blue due to the dissolv- 
ed calcium hydroxide. 


Ca. +, 2H20 .->.. Ca(OH)2 ; + » He 
calcium water calcium hydrogen 
hydroxide 


3: Action” on magnesium: Blow a small hole 
in a hatd glass’ test tube. Put a coil of clean 
magnesium ribbon in the test tube along with 
about 3 cm? of water, as shown in Fig. 5.5. Heat 
the water to produce steam in the test tube and” 
move the flame to heat the metal also. Keep. 
moving the flame to heat both water and mag- 
nesium. Magnesium burns with a blinding white 
light, leaving a white ash of magnesium oxide. 


The hydrogen liberated burns as it meets the © 


oxygen of the air (Fig. 5,5). 
Mg Sines = C0 Wine fs Camere =r 


magnesium water magnesium __ hydrogen 
oxide 


4, Action.on iron: Iron also reacts with steam 
at red hot temperature producing hydrogen.’ A 
black residue of tri-iron tetroxide is left. 

3Fe+4H20 = FexOs + 4H2 
iron steam tri-iron'» ‘hydrogen 
tetroxide . 

The reaction is reversible. and..can go both 

ways. 


FIG, 5.5. Red hot magnesium reacts with 
steam to liberate hydrogen. 


Aluminium, even though a reactive metal, is 
not ordinarily attacked by water because of a 
compact, coherent coating of aluminium oxide 
on its surface which renders the metal inactive. 

Lead and copper do not react with water. 
Copper is, therefore, used in boiler pipes. 


5.3. Solution 


A solution is a homogeneous mixture of two or 
more different substances containing solutes and 
solvents. 
The substance which does the dissolving is 
called the “solvent and the substance which gets 
dissolved is called the solute. In a solution of 
sodium chloride in ‘water, water is the solvent 
and sodium ‘chloride is the ‘solute. The two 
forma homogeneous mixture called the solution. 
Besides water there are other solvents for 
substances which do not dissolve in water. For 
example: : ome 
1. Carbon disulphide dissolves sulphur and 
phosphorus. 
2. Petrol dissolves oil, grease and rubber. 
3. Iodine dissolves in alcohol forming, tinc- 
ture of iodine. ey sie 
4, Turpentine oil'and methylated spirit can 
dissolve paints'and varnishes. 
5. Nail polishes and chlorophyll dissolve in 
acetone: ? 
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5.4 Saturated Solution and 
Solubility 


Add slowly some powdered sodium chloride 
into distilled water with constant stirring. You 
will notice that there is a limit to which the salt 
can dissolve in a given amount of the solvent. 
Any further amount of the salt does not dissolve 
and settles down. This solution is called a satu- 
rated solution at the room temperature. 

Thus a solution is said to be a saturated solu- 
tion ivhen no more of the solute dissolves in a 
given amount of the solvent at a given tempera- 
ture in presence of excess of the solute. 

In order to compare the solubility of solids in 
liquids the amount of solid which dissolves in 
100 g of the solvent is compared. 

The solubility of a solid at a given temperature 
ina given solvent is the maximum number of 
grams of the solute that can dissolve in 100 gof 
the solvent to form a saturated solution at that 
temperature. 

If you heat a saturated solution containing a 
small amount of the solute at the base of the 
solution, the solute gets dissolved, On cooling 
to the original temperature, the solute reappears. 
This shows that solubility of solid substances 
depends on temperature. It generally increases 
with rise in temperature, Figure 5.6 shows the 
variation of solubility of some compounds 
with temperature. Such a curve, of temperature 
versus solubility, is known as a solubility curve, 
The solubility curve is a graph drawn by plotting 
the solubility of a substance against temperature. 

The solubility of sodium chloride is seen to 
Tise. very little with rise of temperature. The so- 
lubility of calcium Sulphate decreases with rise 
of temperature. The solubility of potassium 
nitrate increases rapidly with temperature, 


Applications of Solubility Curve 


1. The solubility curve shows at a glance 
how the solubility of a substance varies with 
temperature, 


2. The solubility of a substance can be found 
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Solubility (grams of solute per 100g of water 
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Temperature (°C) 


FIG. 5.6. Variation of solubility with temperature 


out at any temperature from the solubility 
curve. 

3. The effect of cooling on hot. saturated 
solutions can be found out for different substan- 
ces by the curves. This is useful in separation 
of substances by fractional crystallisation. 

4. The solubilities of different substances at 
different temperatures can be compared by look- 
ing at their solubility curves, 


5.5 Determination of Solubility 


Experiment I: To prepare a saturated. solution, 
add excess of the powdered solute to the hot 
solvent. Allow the solution to cool to the tem- 
perature at which the solubility is to be deter- 
mined. Weigh a clean, dry evaporating dish, 
Using a pipette, suck in 25 cm? of the saturated 
solution and transfer it into the weighed evapo- 
rating dish. Weigh the dish with the saturated 
solution and carefully evaporate the solution to 
dryness. Towards the end of evaporation, heat 
on a water bath to prevent loss of solute by 
‘spitting’ (Fig. 5.7). Heat the solid and the 
dish to constant weight. The three weights taken 
in the experiment are as follows: 
Weight of the evaporating dish 
Weight of the evaporating dish 
+ solution =bg 


70 80 90 100 


Solution 
Evaporating 
dish 


Boiling water 


FIG. 5.7. Apparatus for slow evaporation of 
a solution. 


Weight of the evaporating dish 

+ solute =cg 
*, Weight of solvent in the solution =(b—c)g 

Weight of solute in the solution =(c—a)g 
Thus (b—c)g of solvent dissolve (e—a)g of 
solute. 


*, Ig of solvent will dissolve 4 pare = g of solute 
(c-a) 
*, 100 g’of solvent will dissolve 100 = ae? 


of solute 


Solubility of the solute in the solvent= ie =e 


< 100 g per 100 gof solvent at the given tempe- 
rature. 


EXAMPLE 1: 16g of a saturated solution of 
potassium chloride at 20°C when evaporated to 
dryness left a solid residue of 4g. Calculate the 
solubility of potassium chloride. 


Solution: Weight of water in solution 
=(16—4) 
=l2g 

12g of water dissolves 4 g of solid 
5 “ 
*. 100 g of water will dissolve Dp” 100 g 


=33.3 2 


Answer. Solubility of potassium chloride in 
water at 20°C is 33.3 g per 100 g of water. 


EXAMPLE 2: The solubiluy of sodium chloride 
at 20°C is 36 g per 100 g of water. What weight 
of sodium chloride will be left when 25 g of its 
saturated solution at 20°C is evaporated to dry- 
ness? ; 
Solution: Weight of saturated solution formed 
at 20°C = 100+ 36= 136 g. 
136 g of the saturated solution contains 36 g of 
salt 


x2 
*. 25g of solution will contain “6 a =6,6 g 
of salt 


Answer: Weight of sodium chloride = 6.6 g 


5.6 Solubility of Gases 


The solubility of a gas in a liquid depends upon 
temperature, pressure of the gas, nature of the 
gas and the liquid in which it is dissolved. 

The greater the pressure of a gas, the greater 
is its solubility ina liquid. A soda water bottle 
contains carbon dioxide gas dissolved under 
high pressure. When the bottle is opened, the 
pressure on the water reduces to the atmosphe- 
tic pressure. Consequently, the solubility of car- 
bon dioxide decreases and it escapes out causing 
effervescence. The solubility of a gas decreases 
with rise of temperature. If a dissolved gas is to 
be driven out from a solution, it is heated to a 
higher temperature. 


Air Dissolved in Water 


Experiment 2: Filla flask with tap water and 
put a few pieces of broken porcelain in it to 
avoid bumping when the water is heated. Insert 
a delivery tube and a short piece of glass tube 
which can be closed by a rubber tube and clip, 
through the rubber stopper fitted on the flask 
(Fig. 5.8). The end of the tube should not pro- 
ject beyond the lower surface of the rubber 
stopper as shown in Fig. 5.8. Set up the rest of 
the apparatus as shown in the figure. Connect 
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FIG. 5.8. Water contains dissolved gases. 


the glass tube to a tap so as to completely fill 
the flask and delivery tube. Disconnect the tap 
and close the rubber tube. : 

Heat the water. Bubbles of gases are seen to 
escape from the water. The gases are collected 
in a gas jar by downward displacement of water. 
Any water vapour present in the gases conden- 
ses on coming in contact with cold water in the 
gas jar. These gases come from the air which is 
dissolved in water, and which escape on heating 
due to decrease in solubility at higher tempera- 
tures. 

The composition of the dissolved air is found 
to be different from the ordinary. air in the 
atmosphere. Oxygen of the air is more soluble 
in water than nitrogen. The dissolved air con- 
tains about 33% oxygen, 66% nitrogen and 
1% carbon dioxide. ; 

A maximum of 4 volumes of air can dissolve 
in 100 volumes of water, 

The quantity of the dissolved air is very small 
but it is of vital importance to marine life. 


Biological Importance of Dissolved Air 
1,. The fish depend on dissolved oxygen for 


breathing. 
2... Plants growing under water make: use of 
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dissolved carbon dioxide for photosynthesis, 
when they prepare their food. 
chlorophyll 
— C6H1206 +602 
sunlight glucose 

3, Dissolved carbon dioxide reacts with lime 

stone to form calcium hydrogen carbonate. 
CaCO3+ CO2+H20 > Ca(HCOs)2 


lime stone calcium hydrogen 
carbonate 


6CO2+6H20 


Marine organisms-extract calcium carbo- 
nate from calcium hydrogen carbonate to build 
their shells. 


5.7 Crystals and Crystallisation 


A crystal is a solid having a definite geometrical 
shape. It has smooth plane faces, having definite 
angles between two faces, and sharp edges. 

A crystal of sodium chloride is cubical while 
that of sulphur is either octahedral or mono- 
clinic. Substances with the same crystalline shape 
are called isomorphous. 


FIG. 5.9. A crystal of sodium chloride, 


We have seen that a solid is generally more 
soluble at higher temperatures. If a hot saturated 
solution of a solid is filtered and the hot filtrate 
is allowed to cool, crystals of the solid appear. 
This process is called  erystallisation trom 
solution. 

Well-defined crystals can be formed if the hot 
saturated solution is cooled slowly. Crystals of 
metals can be- formed if molten metals. are 
cooled. 


Growing a Large Crystal 
Experiment 3: When a solution is evaporated, 


Ss 


crystals of the compound dissolved in solution 
are obtained. But all the crystals do not have 
the same shape. This is due to the fact that the 
crystals do not grow freely in all directions. To 
grow a well-shaped crystal, it is essential that 
the crystal has the freedom to grow in all direc- 
tions. 

Prepare a hot saturated solution of copper 
sulphate. Filter the hot solution and allow the 
filtrate to cool. A few crystal are seen at the 
bottom of the beaker which are removed. Now 
suspend a well-shaped crystal of copper sul- 
phate, by means of a thread tied to a glass rod, 
in the cooled saturated solution. Cover the bea- 
ker with a piece of paper to keep away dust 
particles. Set aside the beaker and watch the 
crystal grow slowly. It usually takes several 
weeks to grow a large crystal (Fig. 5.10). 


Glass rod 


FIG, 5.10. Growing a crystal of copper sulphate, 


You may notice crystals appearing at other 
places as the water evaporates. These should be 
removed. The suspended crystal acts as a seed 
erystal and grows bigger as the solid coming out 
of the saturated solution, due to evaporation of 
water, is deposited on it. The solution should be 
dust free, otherwise crystals will be formed on 
dust particles as well. 


5.8 Water of Crystallisation 


Experiment 4: Examine a few crystals of copper 
sulphate (known as blue vitriol) and feel them 
with your fingers. You will notice that the solid 
particles have sharp edges, Notice that the crys- 
tals are absolutely dry. 


Take a few crystals in a test tube; hold the 
tube with a test tube holder and heat it with its 
mouth slightly tilted downwards (Fig. 5.11). You 
will observe that the blue crystals give out a 
colourless liquid on heating, which condenses on 
the cooler parts of the test tube. When tested 
with dry cobalt chloride paper, the liquid turns 
the paper from blue to pink showing that it is 
water. 


Copper sulphate 
crystals 


FIG. 5.11. Copper sulphate crystals give out water of 
crystallisation on heating. 


The open end of the tube is inclined slightly 
downwards to prevent the water from running 
back to the hot part of the test tube and 
cracking it. 

The blue crystals turn into a white solid. Feel 
the solid residue with your fingers and you will 
obserye that the solid is powdery and the crysta- 
line structure has been lost. Allow a drop of 
water to fall on the cooled white powder and 
you will notice that the powder turns blue again. 
Heat is produced, indicating that an exothermic 
reaction takes place between the white residue 
and the water. On drying, blue crystals are again 
formed. 


heat 
CuSO4:5H20 = CuSO, + 5H20 
copper (IL) cool anhydrous 
sulphate crystals copper (LI) 
(blue vitriol) sulphate 


Thus the crystalline structure is due to. the 
water present in copper sulphate, which is called 
water of erystailisation. It is in loose chemical 
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combination with the compound and is driven 
out on heating, leaving a white powdery solid 
residue. Repeat the experiment by heating 
crystals of washing soda, iron (II) sulphate, and 
zinc sulphate separately. You will observe that 
these compounds also contain water of crystalli- 
sation. Compounds containing water of crystalli- 
sation are called hydrated compounds. When 
water is driven out by heating the solid residue 
left is called anhydrous (without water) and is 
amorphous (non-crystalline with no definite 
shape or structure), 

Water of crytallisation can thus be defined as 


the definite number of water molecules in loose. 


chemical combination with one molecule of a 
compound, when the compound is crystallised from 
an: aqueous solution. The water molecules are 
essential for the crystalline shape and are driven 
out on heating, leaving an anhydrous powdery 
solid. Water of crystallisation is also called 
water of hydration. 
The formulae of some common hydrated salts 
are as follows. 
ZnSO4: 7H20—White vitriol 
FeSO4:7H20—Green vitriol 
MgSO4:7H20—Epsom salt 
Na2CO3- 10H20—Washing soda 


Experiment 5: Heat some crytals of iron (il) 
sulphate, which are pale green in colour, in a 
dry test tube. A dirty white solid residue of an- 
hydrous iron (II) sulphate is left at the bottom 


of the test tube. Water vapours are given out : 


which condense on the cooler part of the test 
tube. 


FeSOs-7H20 — FeSOs -- TH20 


hydrated iron (TL) anhydrous 
sulphate iron (11) 
sulphate 


On further heating to a higher temperature, 
the white residue turns into reddish-brown 
powder of iron (III) oxide. A very pungent gas, 
smelling like burning sulphur, is evolved. 

This gas turns acidic potassium dichromate 
paper green, showing that it is sulphur dioxide. 
White fumes of sulphur trioxide are also given 
off. 


2FeSO, > Fe203 + SO2 + SOs; 
iron (If1) sulphur = sulphur 
oxide dioxide trioxide 


Experiment 6: Heat gently a few crystals of 
pure sodium chloride (common salt) and of 
potassium nitrate separately in different test 
tubes. You will observe that crystals of sodium 
chloride produce a crackling sound called 
decrepitation on heating. This is due to bigger 
particles breaking up into smaller ones. The 
crystals of potassium nitrate melt into a colour- 
less liquid and on strong heating produce oxygen 
which rekindles a glowing splint. Potassium 
nitrite, a pale yellow solid residue is left behind. 


2KNO3 -+ 2KNO2 +0Oz 
potassium potassium 
nitrate nitrite 


Both the substances, however, give out no 
water, There are many other compounds which 
when crystallised from their solutions in water 
do not contain water of crystallisation, e.g. lead 
nitrate, ammonium chloride and ammonium 
sulphate. 


PROBLEMS 


1. (a) How would you find whether a sample of 


water is pure or not? 


(b) Give two tests for detecting the Presence of 


water. 
2. (a) What causes a salt to dissolve in water? 
(b) How would you remove grease and paint 
stains? 


3. (a) Describe all that you would observe when 
sodium reacts with water. 

(b) By the reaction of water on calcium, magne- 
Sium, iron and copper, how would you show 
that metals have different reactivities? 

4. (a) Aluminium, even though a reactive metal. does 
Not react with water. Explain why this is so, 
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(b) 


. (a) 


(b) 


. (a) 


(b 


(b 


. (a) 


(b) 


. (a) 


(b) 


Why is sodium kept in kerosene oil? Can we 
handle the metal by hand? 

Define a saturated solution, 

Looking at a solution, how would you know 
whether it is saturated or not? 

What will happen if a sample of water con- 
taining dissolved hydrogen sulphide is heated? 
Why do you see effervescence when a bottle 
of soda water is opened? 

Name a solid whose solubility in water decrea- 
ses with rise of temperature. 

How will you show experimentally that water 
contains dissolved air? 

How is the air dissolved in water different 
from ordinary air? 

What is the biological importance of air dis- 
solved in water? 

Define solubility. 

Briefly describe a‘method of finding out the 
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solubility of a sclid in a liquid. 
10, (a) Define solubility curve. 
(b). Give three applications of the solubility curve. 
11. (a) Define crystallisation and water of crystallisa- 
tion. 
What all would you observe when crystals of 
copper (II) sulphate and iron ({1) sulphate are 
separately heated in two test tubes? 
12. (a) What type of reaction takes place between 
iron and steam? 
(b) Give two other examples of such reactions, 
13. (a) What are hydrated salts? 
(b) What do you understand by heat of hydration? 
14. (a) Give two examples of heptahydrates and two 
examples of decahydrates, 
Do all crystals formed from aqueous solutions 
contain water of crystallisation? 
15, How willyou prepare a large crystal of copper 
sulphate? 


(b 


J 


(b 


> 


Oxygen and Oxides 


Priestley and Lavoisier obtained oxygen from 
mercury oxide. This is an expensive compound. 
There are several other compounds in the 
chemistry laboratory which contain oxygen. 
Some of them can be used conveniently for 
obtaining the gas in the laboratory. Potassium 
chlorate and hydrogen peroxide are two such 
compounds. We shall now study methods of 
preparing oxygen and determining its properties, 


6.1 Preparation of Oxygen 


Oxygen from Potassium Chlorate 


Experiment 1: Potassium chlorate is a white 
crystalline solid and is soluble in water, Take a 
few crystals of the substance in a clean dry 
hard-glass test tube and heat strongly. The 
crystals will change to liquid, On heating to red 
hot temperature it decomposes. If a glowing 
splint is introduced into the test tube, the splint 
is rekindled, showing that oxygen is produced 
by strongly heating potassium chlorate, 


Preparation of Oxygen in the Laboratory 
Experiment 2: The method of heating a mixture 
of potassium chlorate and manganese dioxide 
can be used for the Preparation of oxygen in 
the laboratory, The experiment should be con- 
ducted carefully; it can be dangerous if heating 
1s not done gently and cautiously, 


Mix thoroughly about 16 ¢ of potassium 
chlorate and 4g of manganese dioxide ina 
mortar using a pestle. Place the mixture in a 
hard-glass test tube and set up the apparatus as 
shown in Fig. 6.1. 


Potassium chlorate 
and 
manganese dioxide 


Delivery tube 


Oxygen 


=3=] Bee-hive 


FIG. 6.1. Preparation of Oxygen in the laboratory. 


Heat the test tube gently for about two 
minutes to displace the air inside the test tube 
and then put a gas jar filled with water over 
the bee-hive shelf. The gas jar is filled to the 
brim with water, covered with a well-greased lid, 
and lowered upside down into the trough con- 
taining water before the lid is removed. There 
should be no air bubbles inside the water-filled 
jar. 

Continue heating and you will see the bubbles 
of oxygen gas tising up and displacing the water 
in the gas jar. This method of collecting the gas 
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is by downward displacement of water. Fill 
several such gas jars with oxygen. 

You will notice that the gas jars containing 
oxygen are misty. This is due to the-water 
vapour present along with oxygen. The hot 
oxygen gas vaporises a little of water. 

When heating is stopped, the pressure of the 
gas inside the test tube will become less due 
to cooling, and water would enter the test tube 
if the end of the delivery tube were allowed to 
remain in water. Hence the end of the delivery 
tube should be removed from the trough before 
heating is stopped. 

Introduce a glowing splint into one of the 
jars. The splint burst into flame. This is a good 
method of testing oxygen gas. 

The purpose of manganese dioxide in the 
above experiment is to speed up the reaction. 
Several other substances are used to increase 
the rates of other reactions. ‘In some cases a 
substance may also decrease the rate of a certain 
reaction. All such substances are called catalysts. 
A catalyst is a substance which changes the speed 
of a chemical reaction, but itself remains un- 
changed chemically and in mass, Since: there is 
no change in the mass of a catalyst, it is effective 
in small quantities. 

In the above experiment, potassium chlorate 
decomposes. to form. potassium chloride and 
oxygen. The chemical change can be written as 
follows: 


2KCIO3 > 2KCI + 302 
potassium potassium oxygen 
chlorate chloride é 


Testing a Catatyst 

Experiment 3: Mix 20 g of potassium’ chlorate 
with 5 g of manganese dioxide and heat gently 
in a hard-glass test tube for about ten minutes. 
By introducing a glowing splint into the test 
tube you can see that oxygen gas is given off. 
Allow the test tube to cool and ‘add about 
15cm? of distilled water. Weigh a filter paper 
and fix it into a funnel. Shake well the contents 
of the test tube and filter through the filter 
paper. 


You will notice that a black powder is left_ 
on the filter paper. Take about 5cm? of distilled 
water into the test tube to transfer any manga- 
nese dioxide left. Repeat if necessary. Wash the 
black powder four or five times using small 
amounts of hot distilled water to remove the 
soluble potassium chloride. 

Remove the filter paper and dry it in an oven. 
When fully dry, weigh the filter paper again. 
The difference between this weight and the 
weight of the filter paper earlier taken will give 
the weight of the black residue. 

You will find that the mass of the residue is 
the same as the mass of the manganese dioxide 
originally taken. Its colour is also the same. To 
show that the black residue is manganese 
dioxide, add about 1 cm? of concentrated hydro- 
chloric acid and heat gently. Greenish-yellow 
chlorine gas is given off, which turns moist lit- 
mus paper colourless. This is a chemical pro 
perty of manganese dioxide. This experiment 
shows that the black residue is manganese 
dioxide. which has not changed chemically in 
the preparation of oxygen by potassium 
chlorate, 


MnO2z + 4HCI > MnCk + 2H20 +Ch 


manganese conc. manganese (II) chlorine 
dioxide hydro- _— chloride 

chloric 

acid 


Oxygen from Hydrogen Peroxide 
Experiment 4: Put about 10g of manganese 
dioxide in a flat-bottomed flask which is fitted 
with a two-holed rubber stopper. The stopper 
carries a dropping funnel and a bent delivery 
tube. Open the tap of the dropping funnel and 
run in a sinall quantity of hydrogen peroxide 
solution at a time. Allow the air of the flask to 
escape out. After an interval of about two 
minutes put a gas jar filled with water on the 
bee-hive shelf as shown in Fig. 6.2. 

As each drop of hydrogen peroxide solution 
falls on to the manganese dioxide, a small quan- 
tity of oxygen is evolved. Hence the evolution 
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Hydrogen peroxide 
Solution 


Dropping funnel, 


sony EIG.6.2« ‘Preparation of oxygen from 
hydrogen peroxide, : 


rib 


‘of oxygen'can be controlled by Sg Sugai the 
tap of the dropping funnel.” 

When the gas jar is filléd with oxygen by dis- 
“placing water, cover it witha Wellgreased glass 
“Tid Beneath the level of the water in the trotigh 
and remove the jar. You can ‘collect some more 
“jars of oxygen in this way. 

Since oxygen is collected over water, the’ gas 

jars will,contain a small amount, of water yapour 
-salong with oxygen. : 


2H202 > 2H20+O2 


hydrogen oxygen 
peroxide 


Oxygen from Higher Oxides © © 
_ Experiment 3: Tri-lead tetroxide, also’ known as 
“ted tedd, when’ heated; gives out oxygen. gas 
whith rekindles @ glowing splint. The residue left 
is “yellow in colour “and fuses with glass. Itvis 
“Tead Monoxide} also called litharge. =" 

=. 2Pb304. > 6PbO + 02 
dA ted lead” litharge Spall 
5 Experiment «6: Lead dioxide. is a chocolate 
brown powder. When heated it gives out oxygen 
«which can . be tested by a. glowing splint. The 


p yellow litharge, | which fuses, with glass, is left.as 
, Tesidue, os 
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2PbO2 > 2PbO +02 
lead 
dioxide 


6.2 Properties of Oxygen 


Physical Properties 


1. Oxygen is a colourless and odourless gas 
and is slightly heavier than air. 

2. It is slightly soluble in water (about 4%). 
Living organisms breathe the oxygen dissolved 
in water. 

3. Add two drops of solutions of blue and red 
litmus in two separate jars of oxygen. There is 
no change in the colour of the litmus solutions. 
Hence the gas is neutral. 


Chemical Properties 
COMBINATION WiTH NON-METALS 


Experiment 7: (a) Place a piece of dry phos- 
phorus in a deflagrating spoon, warm it and 
lower it into a jar containing oxygen (Fig. 6.3). 
The phosphorus burns spontaneously with a 
dazzling yellow flame and produces dense white 
fumes of phosphorus pentoxide. The intensity 
of burning is greater in oxygen than in air 


FIG, 6.3. Burning of phosphorus in oxygen. 


Ps + S502 P4010 
phosphorus phosphorus 
pentoxide 

Oxygen is the gas which supports burning 
of substances in air. This property is diluted 
because of the presence of nitrogen in air. 

(b) Take powdered sulphur ina deflagrating 
spoon and heat it. It changes into a dark brown 
liquid and then burns with a blue flame, Intro- 
duce the burning sulphur into a jar of oxygen, 
A colourless and very, pungent gas, sulphur 
dioxide, is formed. 

S + O2-> SO2 
sulphur oxygen sulphur 
dioxide 

(c) Take powdered charcoal in a deflagrating 
spoon and heat it to red-hot temperature. Put 
the hot charcoal in a gas jar of oxygen. The 
charcoal glows more brightly and catches fire, 
producing carbon dioxide gas which can turn 
lime water milky. 


C. + Op = C02 
charcoal carbon 
dioxide 


COMBINATION WITH METALS 
Experiment 8: (a) Heat sodium metal gently in 
a deflagrating spoon. It melts to a silvery liquid. 
Introduce this into a jar of oxygen. The metal 
burns with a yellow flame (sodium fiame). A 
pale yellow solid is left which is mainly sodium 
peroxide. 
2Na + O2 > Na202 
sodium sodium 
peroxide 
Sodium peroxide reacts vigorously with water 
producing the alkali, sodium ‘hydroxide, and 
oxygen. 
2Na202 + 2H20 > 4NaOH + O2 
sodium sodium 
‘peroxide hydroxide 
(b) Take a small piece of calcium in a deflag- 
rating’ spoon. Heat it and lower it into a jar of 
oxygen. Calcium burns with a brick-red flame 
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forming a white solid, calcium oxide, also called 
quick lime. 


2Ca ..+.,..02,. = 


2CaO 
calcium Oxygen calcium 
oxide 


(c) Hold a pieceof magnesium ribbon’ with 
a pair of tongs. Burnit ina bunsen' flame:and 
immediately introduce the burning ribbon into 
a jar of oxygen. The. ribbon burns with a blind+ 
ing white light and produces dense white fumes 
of solid magnesium oxide. 


2Mg’' -- On’ 2MgO 
magnesium magnésium 
oxide 


(d) Heat steel wool (thia iron wire) strongly, 
to about 600°C, and lower it in a jar of oxygen. 
It burns, producing a shower of sparks. A black 
solid, tri-iron tetroxide, also called magnetic 
oxide of iron, is left as a residue. 

3Fe + 202 > Fe304 
iron tri-iron ~ 
tetroxide ; - 

(ce) When lead is heated, it melts, and: at” 
about 900°C, it;combines with oxygen forming: 
orange-yellow lead monoxide'as a scum~on isis 
surface of the molten lead: 

2Pb + O2 > 2PbO 


lead _lead. - 
. monoxide - 


(f) Conver tents with oxygen vat about 
1000°C to form the black oxide of = on 
the surface of the metal. 


2Gu' + O7-> 2Cn0 |. 5: . 
copper copper, (fi) at 
oxide” ro) 


senate gs 


We thus oherus that sahil, aiiinin paral 2 


_ with oxygen most readily, copper needs...a. very 


high temperature for the formation of its oxide. 

On: the basis of the reaction of metals with’ 
oxygen, the metals can’ be arranged ina de--. 
creasing order of reactivity to form the reactivity =. 
series of metals which is given in Chapter-1. 


6.3 Uses of Oxygen 


The use of any substance depends upon its 
properties. In the study of some of the proper- 
ties of oxygen, therefore, a reference has already 
been made of its uses. 


1. In breathing: Oxygen present in air is a 
supporter of life. By oxidising food, it helps our 
body in producing heat energy which keeps our 
body warm and enables us to do work. Patients 
in hospitals suffering from certain diseases of 
the lungs are provided with increased propor- 
tion of oxygen from oxygen cylinders. At high 
altitudes the air becomes rarefied and the supply 
of oxygen is not adequate. Consequently for 
mountaineers going on expeditions to high 
mountains, and pilots engaged in high altitude 
flying, an extra supply of oxygen from oxygen 
cylinders becomes necessary. Fish breathe in 
che oxygen dissolved in water while deep-sea 
divers carry oxygen equipment with them. 


2. In high temperature flames: A mixture of 
oxygen and hydrogen burns, producing a very 
hot flame at a temperature of about 2000°C. A 
flame produced by the burning of a mixture of 
oxygen and acetylene has a temperature of 
about 3000°C, These flames can be used for 
cutting and welding of metals (Fig. 6.4). — 


Oxyg 


gs en i Gs ESR 2 
Sa Se —<_— 
ZA Oxy-hydrogen flame 


Hydrogen 
FIG. 6.4. Oxy-hydrogen flame. 


3. In fuels: Liquid oxygen is used in rocket 
fuels to make the burning of fuels more vigorous. 
Liquid oxygen is preferred to gaseous oxygen 
because it has much less volume (greater density) 
for the same mass of oxygen. 


4. In manufacture of steel: Cast iron is an 
impure form of iron; it can be changed into 
steel by using compressed oxygen. 


6.4 Classification of Oxides 


The oxides of metals and non-metals when. dis- 
solved in water react in different ways with 
litmus solution. This is the basis of classifying 
oxides. 


1. Acidic Oxides 

Oxides of non-metals generally react with water 
to form acidic solutions. They react with bases to 
form a salt, Examples of such oxides are carbon 
dioxide (COz2), sulphur dioxide (SO2) and 
phosphorus pentoxide (P4010). 


(a) Carbon dioxide reacts with water to form car- 
bonic acid and with sodium hydroxide (a base) it for- 
ms the salt sodium carbonate (Na,CO,) : 


CO, + H,O = H,CO, (carbonic acid) 


CO, + 2NaOH — Na,CO, + H,O 
Similar reactions are observed in the case of sulphur 
dioxide and phosphorus pentoxide. 


(b) SO, + HO = HSO, 
sulphurous 
acid 
SO, + 2NaOH — NaSO, + H,O 
sodium 
sulphite 


(c) P,O,, + 6H,O — 4H,PO, 
ortho phosphoric 
acid 
P,O,, + 12NaOH — 4Na,PO, + 6H,O 
sodium 
phosphate 


Anacidic oxide is called the acid anhydride of the acid 
it produces when it reacts with water. Carbon dioxide is 
the acid anhydride of carbonic acid, sulphur dioxide is the 
acid anhydride of sulphurous acid. Nitrogen dioxide is a 
mixed acid anhydride because on mixing with water it 
produces a mixture of nitrous acid and nitric acid : 
2NO, + H,O ~ HNO, + HNO, 


2. Basic Oxides 


Oxides of metals generally react with an acid to produce 
a salt and water only. If soluble in water 
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they produce alkaline solutions which turn red 
litmus blue. Examples of oxides of metals are 
sodium oxide (Na20), calcium oxide (CaO), 
copper oxide (CuO), and magnesium oxide 
(MgO). ~ 

(a) Sodium oxide on reacting with hydrochlo- 
ric acid produces sodium chloride (a salt) and 
water. 


Na20+2HCl > 2NaCl+ H20 


Sodium oxide is soluble in water and forms 
the alkali, sodium hydroxide. 


Na2O+H20 > 2NaOH 


(b) Copper oxide reacts with an acid, sulphu- 
ric acid, to form the salt copper sulphate and 
water, 


CuO +H2S04 > CuSO4+ H20 


Copper oxide is not soluble in water. Hence 
it will not produce an alkali. 


3. Amphoteric Oxiaes 
Some oxides of metals show acidic as well as 
basic properties. They neutralise a strong alkali 
to form a salt and water (showing an acidic 
property) and also neutralise an acid to form a 
salt and water only (showing a basic property). 
Such metallic oxides are known as amphoteric 
oxides. Examples of such oxides are aluminium 
oxide (A1203), zinc oxide (ZnO) and lead oxide 
(PbO). 

(a) Zinc oxide reacts with hydrochloric acid 
to form zinc chloride and water, showing that 
it acts as a basic oxide. 


ZnO +2HCl > ZnClz+H20 


On reacting with the strong alkali, sodium 
hydroxide, it forms a salt, sodium zincate, and 
water. This shows that it acts as an acidic oxide 
also. 

ZnO+2NaOH — Na2Zn02+H20 


sodium 
zincate 


_ (b) Similarly, 
Al203+6HCI > 2AICI3 +3H20 


In this reaction aluminium oxide acts as a basic 
oxide. 
AhO3;+2Na0H > 2NaAl02+ H20 


sodium 
aluminate 


In this reaction it acts as an acidic oxide. 


4, Neutral Oxides 

These oxides show neither acidic nor basic pro- 
perties. If soluble in water their solutions do not 
produce any change on litmus. Examples are 
water, carbon monoxide, nitrous oxide (N20), 
and nitric oxide (NO). 

Besides the above important types of oxides, 
there are peroxides (such as Na2O2), mixed 
oxides (such as Pb304, Fe304) and dioxides 
(such as PbO2). 


Amphoteric Hydroxides 
Hydroxides of some metals show acidic as well 
as basie properties. They neutralise a strong 
alkali (showing an acidic property) and neutralise 
an acid also (showing a basic property). A salt 
and water are formed in both cases. Examples 
are aluminium hydroxide [AI(OH)3], zinc hydr- 
oxide [Zn(OH)2], and lead (II) hydroxide 
[Pb(OH)2]. 

(a) Zinc hydroxide shows its basic character 
by neutralising hydrochloric-acid. 

Zn(OH)2+2HCI > ZnCle+2H20 


Its acidic character is shown by its reaction 
with sodium hydroxide solution. 
Zn(OH)2-+2NaOH — Na2ZnO2+2H20 


sodium 
zincate 


(b) Similarly aluminium hydroxide neutralises 
both hydrochloric acid and sodium hydroxide 
forming a salt and water. 


Al(OH)3+ 3HCI > AICI; +3H20 


Al(OH)3+ NaOH — NaAlO2+ 2H20 
sodium. 
aluminate 
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6.5 Rusting of Iron 


When certain substances are exposed to air they 
undergo chemical changes. Look at old iron 
nails, scraps of iron and corrugated iron sheets. 
You will notice that all these materials, which 
looked brighter when new, are covered with a 
reddish-brown powder. The reddish-brown 
powder is called rust and this process of forma- 
tion of rust on iron is called rusting. Rusting 
results in the corrosion of iron. 

Rusting is slow oxidation of iron by oxygen of 
the air in the presence of water vapour, Rust is 
_ hydrated iron (III) oxide, 2Fe203-3H20. 


Experiment 9; Put some moist iron filings in a 
bag of cloth and suspend it on a thick iron 
wire inside a bell jar put in a trough containing 
water (Fig. 6.5). Divide the portion of the bell 
jar above the level of water into five equal 
parts. Leave the iron filings in the jar for 
about a week. 


Rusted fron 


Wet iron 
filingsina 
cloth bag 


(a) Before rusting (b) After rusting for several 
days, 


FIG. 6.5, Oxygen is used up during rusting. 


You will notice that the iron filings are coat- 
ed with the reddish-brown rust and the level of 
water inside the jar has risen up to the first 
mark, The gas left is found to be mainly nitro- 
gen. The oxygen of the air has been used up in 
rusting. 
Experiment 10: It can be experimentally shown 
that both air and water are essential for rusting, 
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Put new, fresh-looking iron nails in three test 
tubes. To one tube add distilled water and in- 
sert a plug of glass wool in the mouth of the 
test tube to keep out dust. To the second tube 
add anhydrous calcium chloride on glass wool. 
Place a glass wool plug on the mouth of the 
test tube to prevent the calcium chloride from 
becoming moist too soon. To the third tube add 
distilled water which is boiled to remove all 
dissolved air. Put some yascline on the top sur- 
face of the cooled distilled water so that it 
makes an airtight seal (Fig. 6.6). 

Glass wool 


Air 
: Glass. \ 
Distilled water woo! 
with \ 
dissolved air ‘ 
{ron nails sabydrous 
calcium 
chioride 


FIG. 6.6, Both air and water are essential for rusting. 


Leaye the test tubes for two weeks and ob- 
serve them from time to time. The first tube con- 
tains both water and air; you will notice that 
reddish-brown rust is formed on the nails in 
this test tube. The other two test tubes, contain 
only air and only water respectively. No rust 
formation will be observed in the naiis in these 
tubes. Hence; both air and water are essential 
for rusting to take place. Rusting is an oxida- 
tion Teaction like combustion. Heat is produced 
in rusting also but toa much lesser degree. It 
takes place at atmospheric temperature unlike 
combustion for which a substance has to be 
heated to a high temperature called the ignition 
temperature. Rusting is slow oxidation whereas 
burning is a much faster oxidation reaction. 


Prevention of Rusting 


The Process of rusting is wasteful and continues 
until the whole metal corrodes. Rusting may 


Vaseline 


Boiled 
distilled 
water 


tron nails 


therefore cause collapse of bridges, leaking of 
roofs and many other wasteful or harmful con- 
sequences. Iron or steel can be protected from 
rusting if we can prevent air or water vapour, 
or both, from reaching the metal surface. This 
is achieved by the following methods. 
(a) Paint is used to prevent iron bridges, fur- 
niture, cars and other objects from rusting. 
(b) Electroplating is done to deposit a thin 
film of chromium or nickel on the steel 


surface by electrolysis. 

(c) Greasing of tools and utensils, which are 
not regularly used, prevents them from 
rusting; these objects are rubbed with 
vaseline or oil, 

(d) Galvanising is a process in which corru- 
gated iron sheets and pipes carrying water 
are coated with zine by dipping them into 
baths of molten zinc. The metal zinc being 
more reactive prevents iron from rusting. 


PROBLEMS 


1, (a) How is oxygen prepared in the laboratory 
from a solid compound? Is the oxygen obtain- 
ed pure? 

(b) How is oxygen prepared from two different 
oxides? 

. (a) How is oxygen prepared in the laboratory 
from a liquid? What’ are the advantages of 
the method? 

(b) When concentrated hydrochloric acid is mixed 
with manganese dioxide, does the latter act as 
a catalyst? Give reasons for your answer. 

3, (a) Define a catalyst. What-are the three charac- 
teristics of a catalyst? 

(b) How will you show that in the preparation of 
oxygen from hydrogen peroxide, manganese 
dioxide acts as a catalyst? 

4, (a) How is oxygen prepared from an oxide when 
a metal is also formed as one of the two pro- 
ducts? 

(b) How is oxygen prepared from a nitrate? 

5, (a) Give three industrial uses of oxygen. 

(b) How will you distinguish between oxygen and 
hydrogen? 


nN 


6. (a) Describe all that you would observe when | 


charcoal and sulphur are separately heated in 

a deflagrating spoon. 
(b) What happens when the products formed in 
the above experiment are dissolved in water? 
Describe the heating of sodium, calcium, iron, 
lead and copper in oxygen, Write an equation 
for each reaction. 
How will you establish that different metals 
have different reactivities on the basis of the 
above experiment ? 
8. (a) Define an acidic oxide, 

(b) Write two equations to show that sulphur 
dioxide is an acidic oxide. 


x 
~~ 
5 

& 


(b) 


— 
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9, (a) Define a basic oxide. 
(b)- How will you, show, that copper oxide and 
sodium oxide are basic oxides? 
10. (a) What are amphoteric oxides? 
(b) Show that aluminium oxide is amphoteric. 
11. (a) What are amphoteric hydroxides? 
(b) Show that zinc hydroxide is an amphoteric 
hydroxide, ’ 


12. Which type of oxides are the following? 


(a) Water 

(b) Nitrogen dioxide 
(c) Zinc oxide 

(d) Nitrogen monoxide 
(e) Calcium oxide 

(f). Nitrous oxide 


13, (a) How would you prepare a soluble oxide, an 
insoluble basic oxide, an amphoteric. oxide 
and an acidic oxide from oxygen? 

(b) Why do mountaineers catty oxygen cylinders? 

14, What will you observe when the following are 

heated? Write an equation for each of the 
reactions. 


(a) Sodium nitrate 
(b). Red lead 
(c) Potassium chlorate. 
15. (a) Define rusting. 
(b) Is rusting a physical or a chemical change: 


16, How would you show that only oxygen of the air 
is used up in Trusting? 
17, Briefly describe an experiment to show that rusting 
needs both oxygen and water, 
18, (a) Compare rusting and burning. : 
(b) Give three important methods of prevention 
of rusting. 


Hydrogen 


Hydrogen was first prepared by the action of 
dilute sulphuric acid on iron in 1672 by Boyle. 
In 1766 Henry Cavendish, for the first time, 
studied the properties of hydrogen. Lavoisier 
in 1783 named the gas hydrogen. 


7.1 Preparation of Hydrogen 


Laboratory Preparation 


Experiment 1: A convenient method for prepa- 
ration of hydrogen gas in the laboratory is by 
the action of dilute hydrochloric acid on zine. 
Take a few pieces of zinc into a flat-bottomed 
flask and pour dilute hydrochloric acid through 
a thistle funnel until the end of the funnel dips 
in the acid. Brisk effervescence indicates the for- 
mation of hydrogen gas. Allow some gas to 
escape because it is mixed with air inside the 
flask, and then collect the gas by downward 
displacement of water (Fig. 7.1). Put a greased 
glass plate over the open end of the gas jar and 
remove it from the trough, Collect several jars 
of hydrogen in the same way. The gas collected 
contains water vapour as an impurity, 
Zn + 2HCl > ZnCkh + Hp 
zine hydrogen 
chloride 
- To collect pure and dry hydrogen, the gas is 
passed through a U-tube containing anhydrous 
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Hydrogen 


Dilute 
hydrochloric 


Water 


FIG. 7.1. Laboratory preparation of hydrogen. 


calcium chloride which acts as a drying agent, 
and absorbs the water vapour. The gas is then 
collected by upward delivery, also called down- 
ward displacement of air, since it is lighter than 
air (Fig. 7.2), 


Hydrogen from Water 


Experiment 2: Wrap a small piece of dry sodium 
in a piece of iron wire gauze. Drop it into a 
dish containing water and immediately cover it 
wiih an inverted test tube full of water. Bubbles 
of gas will be seen rising up into the test tube, 
and the gas is collected by downward displace- 
ment of water (Fig. 7.3). 

Close the test tube with yourthumb under the 
surface of water and remove it from the dish. 


Bee-hive shelf 


Ory hydrogen gas 
\ 


Anhydrous 
calcium chloride 


Dilute hydrochloric acid 
Zinc 


FIG. 7.2. Preparation of dry hydrogen 
in the laboratory. 


Hydrogen 


Sodium wrapped 
‘in iron gauze 


FIG. 7.3. Preparation of hydrogen by 
the action of sodium on water. 


Introduce a burning splint into the test tube. The 
gas burns witha ‘pop’ sound. This gas is hydro- 
gen. It could not have come from sodium which 
is an element. The gas has come from water 
which is a compound of hydrogen. A solution 
of sodium hydroxide, an alkali. is left in the 
dish. 
The reaction can be written as follows. 
Na + 2H20 > 2NaOH + Hz 


sodium water sodium hydrogen 
hydroxide 


Experiment 3: Drop @ piece of calcium, a grey 
metal, into a dish containing water. Unlike 
sodium, the metal sinks at the bottom as it is 
denser than water. You will notice effervescence 
taking place. Invert a test tube full of water over 
the metal. Bubbles of gas rise and get collected 
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by displacing water (Fig. 7.4). When all the 
water in the test tube has been displaced, close 
the open end of the test tube with your finger 
and remove it from the dish. 


Calcium 


FIG. 7.4. Preparation of hydrogen by the 
action of calcium on water. 


Introduce a burning splint into the test tube. 
The gas burns with a ‘pop’ sound, showing 
that it is hydrogen. A milky solution is left in 
the dish which turns red litmus blue showing 
that it is basic. The milky solution is a suspen- 
sion of white particles of calcium hydroxide. The 
equation can be written as follows. 


Ca +  2H2.0 —@ Ca(OH)2 + H2 
calcium water calcium hydroger 
hydroxide 


Experiment 4: Put asbestos wool soaked in water 
in a hard glass test tube and place some clean iron 
filings in the test tube as shown in Fig. 7.9. 
Connect a delivery tube to the test tube. 


Iron 
filings 


Asbestos wool 
soaked in water 


Hydrogen 
| 


Burner moved 
to heat both 
wool and iron 


FIG, 7.5. Preparation of hydrogen by the action 0 
red hot iron on steam. 


Heat the iron filings strongly and move the 
flame backward occasionally so as to heat the 
asbestos wool and produce steam. Red hot iron 
reacts with steam to produce hydrogen which is 
collected by downward displacement of water. 
Black tri-iron tetroxide is left as residue in the 
test tube. 

3Fe + 4H20 =| FeO, + 4H 

tri-iron 
tetroxide 


The reaction is reversible. 


Hydrogen from Alkali 


Experiment 5; Sodium hydroxide and potassium 
hydroxide are strong alkalis. Prepare a concen- 
trated solution of sodium hydroxide and add 
this to powdered zine or aluminium, On warming, 
a brisk effervescence takes place liberating 
hydrogen. A colourless solution of sodium zin- 
cate or sodium aluminate is also formed. 


«Zn + 2NaOH + NaZn0, + H2 
sodium 
zincate 
2Al+-2NaOH+2H20 > \2NaAlO. + 3H2 
sodium 
aluminate 
When potassium hyaroxide solution is used, 
a similar reaction takes place producing potas- 
sium Zincate or potassium aluminate, and 
hydrogen. 


7.2 Properties of Hydrogen 


Physical Properties 


1. Hydrogen is a colourless, odourless and 
tasteless gas. 


2. It is almost insoluble in water, 
3. It is the lightest gas known, 


Chemical Properties 
1. Combination with sulphur: Bubble hydro- 
gen gas through molten sulphur taken in a 


porcelain dish. A gas is evolved which smells 
ike rotten eggs. The gas is hydrogen sulphide. 


H2 + Seat: 2S 
hydrogen sulphur hydrogen 
sulphide 


2. Reaction with chlorine: Place a gas jar of 
chlorine, a greenish-yellow gas, over a jar of 
hydrogen, mouth to mouth. Allow the gases to 
mix and expose the gas jars to diffused sunlight 
(Fig. 7.6), 


Chlorine 


Hydrogen 


FIG. 7.6. Reaction of hydrogen 
with chlorine, 


The greenish-yellow colour of chlorine disap- 
pears and a colourless gas is formed in both the 


gas jars. The gas is hydrogen chloride. It fumes 
in air. 


H2 tea Gls +> 2HCI 
hydrogen chlorine hydrogen 
chloride 


This reaction takes place only when light is 
present. 

3. Reaction with metallic oxides: Pass a stream 
of dry hydrogen over black copper oxide, con- 
tained in a hard glass tube, Collect samples of 
hydrogen at intervals in test tubes and introduce 
a lighted splint. When the gas burns quietly, it 
shows that the air has been displaced from the 
apparatus. Now burn the hydrogen at the jet 
on the other end of the tube. Heat the copper 
oxide from below (Fig. 7.7). 

Remove the burner after about 20 minutes of 
heating, but continue to pass the hydrogen gas 
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Hydrogen 
Copper oxide flame 


Dry hydrogen 93s 


FIG. 7.7, Reaction of hydrogen with copper oxide. 


while the solid inside the tube is cooling. The 
residue left is reddish-brown in colour and is 
the metal copper. (The hard glass tube is kept 
slightly tilted to prevent the water formed in the 
reaction from running back to the hot part of 
the tube.) 


cuO + Hz > Cu + HO 
copper hydro- copper water 
oxide gen 

The flow of hydrogen is continued until the 
copper has cooled sufficiently. This is to avoid 
air entering the tube and oxidising the hot cop- 
per metal. 

A similar result is obtained when hydrogen 
gas is passed over heated lead oxide, an orange- 
yellow solid. The products formed are grey 
metallic lead and water. 


PbO + Ha >. Pb + 20 
lead hydrogen lead water 
oxide 


7.3 Uses of Hydrogen 


1. One of the important uses of hydrogen is 
that in combination with nitrogen it forms ammo- 
nia which is the basis of many fertilisers. Ferti- 
lisers are extensively used to derive better yields 
from crops. 

2, Hydrogen gas is used to convert liquid, 
oils, such as groundnut and coconut oils, into 


solid fats commonly known as vanaspati ghee. _ 


This process is called hydrogenation or harden- 
ing of oils and takes place in the presence of 
nickel as a catalyst at 200°C. Hydrogen gas at 
5 atmospheres pressure is used. 

3. Oxy-hydrogen flames which have a tem- 
perature of about 2000°C are used for welding 
of metals. 


7.4 Manufacture of Hydrogen 


Bosch Process 


Steam is passed over white-hot coke at about 
1200°C.. A mixture of hydrogen and carbon 
monoxide in equal volumes. is: produced. This 
mixture is called water gas. 


Cc + HO°+ CO + Hz 
e—_— 


coke steam water gas 


Water gas is mixed with more steam and pas- 
sed over a catalyst, iron(IIl)oxide, at 450°C. 
Carbon monoxide is oxidised to carbon dioxide 
and.an extra molecule of hydrogen is formed. 


CO +) Ho +) HoO > CO2 + © 2H2 
—$—$——<$———— 
water gas 


The aboye reaction is called shift reaction. 
The mixture of gases, at 30 atmospheres pressure, 
is bubbled through water. Carbon dioxide dis- 
solves forming carbonic acid and hydrogen 


escapes out. 
CO2..+ 


H2.0. =. H2CO;3 


i carbonic acid 
Hydrogen is also prepared on a large’scale by 
the “electrolysis ‘of water containing sulphuric 
acid. 


7.5 The Synthesis of Water 


Experimento: Let us study how water can be 
prepared from the two elements, hydrogen and 
oxygen. J 

Prepare hydrogen gas by the action of dilute 
hydrochloric acid on zinc. 


_Zn+2HCl>ZnCh + Ha 
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Dry the gas evolved by passing it through a 
U-tube containing anhydrous calcium chloride, 
which absorbs the water vapour. Collect the 
gas in a test tube by downward displacement of 
air (Fig. 7.8). 


Ory nydrogen gas 


Anhydrous 
calcium chloride 


Dilute hydrochloric acid 
inc 


FIG. 7.8. Preparation of dry hydrogen. 


Introduce a lighted splint in the test tube. If 
the gas burns with a loud sound it indicates the 
presence of air in hydrogen. (Air and hydrogen 
form an explosive mixture.) Continue to take 
fresh samples of hydrogen gas in the test tube 
until it burns quietly on application of a lighted 
splint. This indicates that air has been removed 
from the apparatus. 

Light the gas at the mouth ofa jet and allow 
the flame to play on the cold surface of a glass 
retort through which a stream of cold water 
continuously flows (Fig..7.9), 

Remember that hydrogen should not be light- 
ed at the jet until all the air has been displaced 
from the flask. Otherwise a serious explosion of 
the apparatus may take place. 

You will observe that a colourless liquid is 
formed on the outer surface of the. retort, Col- 
ect: the liquid in a watch glass. The liquid turns 
blue cobalt chloride paper pink, showing. that 
water has been produced by the burning of 
hydrogen in air. If sufficient amount of this liquid 
is collected, it can be shown that it boils at 
100°C under normal pressure. Thus the liquid 
formed is pure water. 
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Cold water | 


Ory 
Hydrogen 


Water 


FIG. 7.9. Burning of hydrogen in air to form water. 


When elements burn in air, they combine with 
oxygen of the air to form oxides. Hydrogen 
therefore, combines with oxygen to form an 
oxide of hydrogen which is water. 


2H2 Oz > 2H20 
hydrogen Oxygen water 


+ 


7.6 Oxidation and Reduction 


Oxidation 


Oxidation is a chemical change involving either 
gain of oxygen or some electro-negative ion by a 
substance, or loss of hydrogen or some electro- 
positive ion from a substance. 

In the electronic concept, oxidation is defined 
as @ process in which an aton or an ion loses 
electrons, 


EXAMPLES 
1, When carbon changes to. carbon dioxide, 
the former is said to be oxidised by gain of 
oxygen. 
C+O2 > CO2 


2. When iron changes to iron (II) chloride, 
the former is said to be oxidised by gain of the 
electro-negative chloride ion. 


2Fe+3Ch > 2FeCl; 


3. When hydrogen sulphide reacts with chlo- 
rine, the products are sulphur and hydrogen 
chloride. 


H2S+ Cle > 2HCI+S 


Hydrogen sulphide is oxidised to sulphur by 
loss of hydrogen. 

4. When potassium iodide reacts with hydro- 
gen peroxide, potassium hydroxide and iodine 
are formed. 


2KI+H202 > 2KOH+h 


Potassium iodide is oxidised to 10dine by loss 
of the electro-positive potassium ion. 

5. When iron changes to iron (III) chloride, 
atoms of iron change into iron (II{) ions by loss 
of electrons. Fe is therefore oxidised to Fe?*+ 
ions. 


Fe—3e- — Fe3+ 


Note: When metallic atoms lose electrons they 
become positively charged ions. The loss of elec- 
trons also results in the formation of a compound 
of higher valency [e.g. iron (II) to iron (III) 
compound]. Non-metallic atoms gain electrons to 
form ions and the ions can lose electrons to 
become non-metallic atoms. 


OxiDISING AGENT - 

An oxidising agent is one which oxidises other 
substances by providing oxygen or an electro- 
negative ion or removing hydrogen or an electro- 
positive ion. 

In the electronic concept, an oxidising agent 
is one which can oxidise ‘other substances by 
accepting electrons. 

The common oxidising agents are oxygen, 
chlorine, nitric acid, hydrogen peroxide, potas- 
sium permanganate and potassium dichromate. 


TESTS FOR AN OXIDISING AGENT 

1. An oxidising agent forms a reddish-brown 
solution or black precipitate of iodine when 
potassium iodide solution is added to it. 

2. An oxidising agent may form yellow parti- 
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cles of sulphur when hydrogen sulphide is bub- 
bled through its solution. 

3. When concentrated hydrochloric acid is 
added to an oxidising agent, greenish-ycllow 
chlorine gas is liberated which bleaches moist 
litmus paper. 


Reduction 
Reduction is a chemical change involving either 
loss of oxygen or some electro-negative ion from 
a substance, or gain of hydrogen or some electro- 
positive ion by a substance. 

In the electronic concept, reduction is defined 
as a process in which an atom or an ion gains 
electrons. 


EXAMPLES 

1. When hydrogen is passed over heated 
black copper (II) oxide, the latter changes to 
reddish-brown copper metal and is said to be 
reduced by loss of oxygen. 

CuO.+ H2 -> Cu+H20 

2. When hydrogen sulphide is bubbled 
through iron (III) chloride solution, the latter 
changes to iron (II) chloride and is said to be 
reduced by loss of electro-negative chloride ion. 


2FeCl3 + H2S — 2FeCl2+2HCl+S 


3. Chlorine reacts with hydrogen in the pre- 
sence of diffused light to form hydrogen chlo- 
ride. Chlorine gets reduced to hydrogen chloride 
by gain of hydrogen. 

Cl2+H2 > 2HCI 

4, When chlorine combines with sodium to 
form sodium chloride, the former is said to be 
reduced by gain of electro-positive sodium ion. 


2Na+Cl2 - 2NaCl 
5. In the reaction . 
2FeCl3 + H2 > 2FeCh+2HCl 


‘iron (111) ions are reduced to iron (II) ions by 


gain of electron. 
Fe3+-+e- —> Fe? 


REDUCING AGENT 

A teducing agent is one which can reduce 
other substances by removing oxygen or an 
electro-negative ion or providing hydrogen or an 
electro-positive ion. 

In the electronic concept, a reducing agent is 
one which can reduce other substances, by supply- 
ing electrons. 

Common. reducing agents are hydrogen, car- 
bon monoxide, nitrous acid (HNOz), sulphurous 
acid (H2SQ3),.carbon and all metals. 


TESTS FOR A REDUCING AGENT 

1. A reducing agent when reacted with.a few 
drops of acidified potassium dichromate, turns 
it from orange to green. 

2. A reducing agent turns acidified potassium 
permanganate solution from purple to colour- 
less.iahs ; 

3..On heating a. reducing agent with black 
‘copper (II) oxide, reddish-brown copper metal 
is obtained. ; 


Redox Reaction 

In achemical reaction, when one substance. is 
oxidised, the other substance is reduced. Thus 
both oxidation and reduction take place at the 
same time. Hence the reactions are called redox 
reactions. 


EXAMPLES ; 

1. When hydrogen reduces copper (II) oxide, 
hydrogen itself is oxidised to water. Copper 
oxide is thus an oxidising agent and hydrogen 
is a reducing agent. 


reduced 
o7 
CuO + Hz> Cu + HO 


oxidised 


2. When zine reacts with copper (II) sulphate 
solution, it is oxidised to zinc sulphate by gain 
of the electro-negative sulphate ion and copper 


(iD) sulphate is reduced to copper by loss of the 


electro-negative sulphate ion. Zinc is the reduc- 
ing agent and copper sulphate the oxidising 
agent. 


oxidised 


CuSO4+Zn ee ZnSO, KC 


reduced 


ELECTROLYSIS AND REDOX REACTION 

When electricity is passed through molten so- 
dium chloride, sodium ‘metal is formed at the 
cathode and chlorine gas is liberated at the 
anode. The reactions at the two electrodes are 
as follows. 


At the anode: Chloride ions..from the molten 
sodium chloride lose electrons to become atoms 
of chlorine which combine to form molecules of 
greenish-yellow chlorine gas. 


Chel 
Cl+-Cl + Ch 


Since chloride ions lose electrons, they are 
said to be oxidised. This reaction is called anodic 
oxidation. 


At the cathode;Sodium ions from the molten 


chloride gain electrons to become: atoms of 
sodium. 
Na*+e-—> Na 


Since sodium: ions gain electrons, they are 


said to. be reduced. This reaction is called 
cathodic reduction. 
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PROBLEMS 


. (a) How is hydrogen prepared by the action of an 
alkali on a trivalent metal? 
(b) How would you obtain hydrogen by the action 
of dilute sulphuric acid on iron? 
Is the hydrogen collected over water pure? 
. (a) How is hydrogen prepared by the action of 
steam on iton? 
(b) What type of reaction is the above? 
Give two other examples of such reactions. 
. (a) Describe briefly a method of preparing water 
from hydrogen. 
(b) State the precautions in the above experiment. 
. (a) What is a reducing agent? 
(b) Show experimentally that hydrogen acts as a 
reducing agent. ; 
. (a) When lead oxide is reduced by hydrogen, the 
gas flow is continued until the metal formed cools 
down. Why. is this so? 
(b) Describe a reaction in which light is essential 
for the reaction to take place. 
. (a) How is hydrogen prepared on a large scale by 
the Bosch process? 
(b) Give three industrial uses of hydrogen. 
(c) What do you understand by. hydrogenation of 
oil? 
. (a) What precautions should you take while burn- 
ing hydrogen? 
(b) How can liydrogen be prepared by the action of 
water on a metal at room temperature? 
. (a) How would you change hydrogen to water 
without burning the gas in air? 
(b) Using dilute hydrochloric acid and the metals 
magnesium, iron and copper, how would you.show 
that different metals have different reactivities? 
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a; 


11. 


12. 


13. 


14. 


15. 


(a) Give two tests to show that a solution contains 
an oxidising agent. * 

(b) Describe two tests for a solution containing 
reducing agent. 


. (a) Define oxidation. 


(b) Show that chlorine acts as an oxidising agent. 
Electricity is passed through molten lead bromide. 
(a) Show that oxidation takes place at the anode. 
(b) Show that reduction takes place at the cathode. 
(a) Oxidation and reduction take place in the same 
reaction. Discuss this with the help of an example. 
(b) Mention all that you will observe when zinc is 
added to copper sulphate solution. 

(a) Give two examples each of gaseous, liquid and 
solid reducing agents. : 

(b) Define reduction. 

In the reactions given below, state whether the 
substance printed in bold is oxidised or reduced. 
Give reasons for your answer. Also mention which 
are the oxidising agents in the reactions, 


-(a) 3Cu+8HNO; -> 3Cu(NO;,). +4H.0+2NO 


(b) H.S+Cl, > 2HC1+-S 
(c) Fe+CuSO, > FeSO,+Cu 
(d) 2H,S+SO, > 38-++2H,O 
(e) C+O, + CO. 

(f) Mg--2HCI -+ MgCl. + Hs 


(a) Hydrogen is evolved when dilute hydrochloric 
acid reacts with magnesium, while with copper 
there is no reaction. Explain why this is so. 

(b) What do you think will happen when magne- 
sium is added to silver nitrate solution? Give 
reasons for your answer. 
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Atomic Structure and Chemical Bonding 


8.1. Atomic Structure 


In 1897, J.J. Thomson performed experiments 
on Trays emitted from the cathode in tubes filled 
with gases at very low pressures, known as dis- 
charge tubes (Fig. 8.1). He concluded that the 
Tays consisted of negatively charged” particles, 
which he called electrons, and that all gasés con- 
tained these particles, 

High voltage’ ” 


{10,000V) 


Cathode 


FIG. 8.1. Electrons flowing from cathode to anode 
in a discharge tube. 


In 1913, J.J. Thomson found that a charged 
hydrogen atom was the lightest positive particle. 
He called it a proton. The Positive charge on a 
proton was equal, but opposite in Sign, to the 
charge on an electron, However, the mass of a 
proton was found to be 1836 times that of an 
electron, © 

It was thus established that an atom consists 
of electrons and Protons. Since atoms of ele- 
ments are electrically neutral, therefore, they 
must contain equal number of Protons and elec- 


trons. The atomic mass of helium is 4 and, if it 
consisted only of protons and electrons, its atom 
should have four protons (one atomic mass unit 
is almost equal to the mass of one proton, 
while the mass of an electron is negligible). 
But it is known to have only two electrons and 
hence will have only two protons. To account for 
the atomic mass, a third type of particle called 
a neutron, was therefore suggested. It has the 
Same mass as a proton, but no electrical charge. 
Chadwick, in 1932, identified the neutron, 


Rutherford’s Atomic Model 


In 1911, Rutherford directed: %-particles (these 
are positively charged) on toa thin strip of gold. 
He observed that the majority of «-particles 
passed straight through the gold strips. Some 
particles, however, were deflected through small 
angles, a few were deflected through large angles, 
and very few actually bounced back in the direc- 
tion from which they came (Fig. 8.2). 

He concluded that an atom consisted of a 
heavy nucleus containing protons and neutrons 
contained in a very small space. The nucleus is 
surrounded by electrons which revolve around 
itin a much larger space. This is similar to 
planets revolving around the sun (Fig. 8.3). The 
number of electrons is equal to the number of 
protons in the nucleus, 
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Large angle 


deflection: Undeflectea 


Undeflected 


Small angle 
deflection 


FIG. 8.2. The scattering of a-particles by a gold foil, 


eter 


te 


FIG, 8.3. Rutherford’s atomic 
model. 


8.2 The Three Fundamental Particles 
of Atoms 


1. Electron 


An electron carries a unit negative charge and 
revolves around the nucleus: The mass of an 
electron is 1/1837 of the mass of a hydrogen 
atom. It is represented as e or e-. 


2. Proton 

The proton exists in the nucleus of an atom. It 
carries a unit positive charge and its mass is 
almost the same as the mass of a core atom. 
It is represented by p. 


3. Neutron 

The neutron is found in the nucleus ofan atom 
and carries no electrical charge. The mass of a 
neutron is practically the same as the mass of a 
hydrogen atom. It is represented by n. 


The location, relative mass and the charge on 
the three particles have been shown in Table 8.1. 


Table 8.1 
Particle Location Relative mass | Charge 
Electron (e) Orbits 1/1837 sil 
: Proton (p) Nucleus 1 etl 
Neutron (n), Nucleus 1 0 


Seep halttass Sek, HOMIE ANON AUTIIY 
8.3 Atomic Number and Mass Number 


Atomic Number 


The atomic number oj an element is the number 
of protons in the nucleus of its atom: It is: ‘Tepre- 
sented by Z. In 1914, Moseley investigated the 
positive charge on the nucleus of atoms of differ- 
ent elements. Since an atom is electrically neutral 
the atomiic number is also equal to the total 
number of electrons in the orbits of an atom of 
the element. 


Thus, atomic number Z=p 


Moseley suggested that atomic number was 
more significant than the relative atomic mass 
in determining the properties of elements, and 
could be the basis of classifying elements, 


Mass Number 


Mass number of an element-is equal to. the sum 
of the number of protons and neutrons.in the 
nucleus of ‘one atom of the element. It expresses 
‘the atomic mass of the element and is represent- ° 
ed by A: 


Thus, mass number A=n+ py. 4 


Protons and neutrons are collectively known 
as nucleons. These particles are’ extremely tightly 
packed together in the nucleus. 

“ The difference of the mass number of an 
element and the atomic number of the element 
gives the numberof neutrons present in one 
atom of the element. 


A—Z=Number of neutrons. 
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8.4 Arrangement of Electrons 
in Atoms 


In 1913, Neils Bohr put forward a theory 
explaining the arrangement of electrons in the 
atoms of different elements. He suggested that 
electrons rotate round the nucleus at definite 
distances from the nucleus on certain circular 
shells or orbits. Electrons in each shell have a 
definite energy associated with them, the energy 
increasing outwards from the nucleus. These 
shells are designated as K, L, M, N, O, P. and 
*Q as shown in Fig. 8.4. They are also numbered 
1, 2, 3, 4 etc. outwards from the nucleus, 

Bohr and Bury, in 1921, gave some rules for 
the distribution of electrons in different shells 
of atoms. The rules for the simple elements are 
as follows. 


1. The maximum possible number of electrons 
in a shell of an atom numbered n is 2n2. 

For the K-shell, the value of 7 is 1 and it can 
accommodate at the most 2 x 1?=2 electrons. 
In the L-shell, where n= 2, the maximum possi- 
ble number of electrons is 2x 2?=8 and in the 
M-shell where n=3, the maximum possible 
number of electrons is 2 x 32=18. 

2. In the outermost shell of any atom, the 


maximum possible number of electrons is 8, 
except in the first ‘shell which can have at most 
2 electrons. 

3. It is not essential for a shell to be complet- 
ed according to the first rule before electrons fill 
the next shell. When a shell acquires 8 electrons, 
a new shell with electrons in it may be formed. 

The number of protons and neutrons in the 
nucleus, and the number of electrons in different 
shells, of the first twenty elements in increasing 
order of atomic number, are shown in Table 8.2. 

From the electronic configuration of elements 
you can arrive at the following conclusions. 

1. Hydrogen is the only atom which does not 
have any neutron. 

2. Helium, a noble or inert gas, has only one 
electron shell and has 2 electrons in the shell. 
All other noble gases, e.g. neon, argon etc. have 
8 electrons in their outermost shell. 

3. Hydrogen, a non-metal, has only one shell 
with one electron. Helium, with only one shell, 
has 2 electrons, Otherwise atoms with 1, 2 or 3 
electrons in the outermost shell are atoms of 
metallic elements and these electrons indicate 
their valency. 


4. Atoms with 4, 5, 6 or 7 electrons in the 
outermost shell are atoms of non-metallic 


elements. The number of electrons needed to 
complete 8 electrons in the outermost shell of 


(lowest energy) the atom of a non-metallic element (except 
hydrogen) is its valency. 
K 
Nucleus M 
>) N 
oO 
P 
Q (highest energy) 


FIG. 8.4. Different shells or orbits in an atom. 
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Table 8.2 


Element Atomic number Mass number Protons Neutrons Distribution of electrons 

(p) (n+p) (p) (n) Said Gah) SRS Sg 

Hydrogen 1 1 1 ty) 1 

Helium 2 4 2 2 2 

Lithium 3 7 3 4 2 1 

Beryllium 4 9 4 5 25,2. 

Boron 5 i 5 6 2 3 

Carbon 6 12 6 6 yaa 

Nitrogen 7 14 i 7 2 5 

Oxygen 8 16 8 8 2 6 

Fluorine 9 19 9 10 ss | 

Neon 10 20 10 10 2 8 

Sodium ll 23 ll 12 Zan 8 1 

Magnesium 12 24 12 12 aS a 

Aluminium 13 27 13%: i4 eae} 3 

Silicon 14 28 14 14 ed ahd ea: 3 

Phosphorus 15 31 15 16 2 8 5 

Sulphur 16 32 16 16 2 8 6 

Chlorine 17 35 17 18 VB ae 7 

Argon 18 40 18 22 yan Rat 

Potassium 19 39 19 20 panies Wey J 1. 

Calcium 20 40 20 20 page sae gah Le 


5. The electrons in the outermost shell of an 
atom take part in chemical combination and are 
called valence electrons. You will see how the 
valence electrons take part in reactions when 
you study chemical bonding. Chemical properties 
depend on these electrons. 

The structure of the sodium atom is shown 
in Fig. 8.5. 


Nucleus 
(11 protons, 
12 neutrons) 


FIG. 8.5. The structure of the sodium atom. 


8.5 Isotopes 


In 1913 Thomson observed that the element 


neon consisted of two types of atoms, with 
atomic mass 20 and 22. Aston, in 1919, re- 
examined the problem with his mass spectrograph 
and found that Thomson’s observations were 
correct. He concluded that neon existed in two 
chemically identical forms, one of atomic mass 
30 and the other of atomic mass 22. These two 
species of the same element are called isotopes. 
Aston discovered that many other elements have 
isotopes. 

Isotopes are atoms of the same element having 
similar chemical properties. They have the same 
number of protons in their nuclei, and hence the 
same atomic number, but different number of 
neutrons, hence different mass numbers. 

Since isotopes have the same number of pro- 
tons, they will also have equal number of elec- 
trons, atranged in the same way. Since the 
arrangement of electrons determines the chemi- 
cal properties of an element, isotopes have 
identical chemical properties. 

Neutrons have little influence on the chemical 
properties of elements. They contribute to the 
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s 
mass of the atom and are responsible for the 
existence. of isotopes. 


Representation of Isotopes 

The mass number and atomic number of an 
element with symbol may be represented as 
follows 


ax 


where A is the mass number and Z is the atomic 
number of the atom of the element. 

For example, chlorine has two isotopes called 
chlorine-35 and chlorine-37. Each of them have 
the atomic number 17. But their mass numbers 
are 35 and 37 respectively. They are respresented 
as shown below 

Cl Cl 

In chlorine gas, the two isotopes are mixed to- 
gether in the ratio of 3 : 1. The average relative 
atomic weight is ‘therefore: 35.5. The existence 
of isotopes thus explains the fractional relative 
atomic masses exhibited by several elements. 

Examples of isotopes of some elements are as 
follows. . 

1. There are three isotopes of hydrogen with 
relative atomic mass 1, 2 and 3, They are called 
ordinary hydrogen, deuterium and tritium and 
are.‘represented. as H, D and T Tespectively 
(Table.8.3). 


and 


Table 8.3 Isotopes of hydrogen, carbon and phosphorus 


( Symbol Number of Number of Number of 
Protons neutrons electrons 
iH Dark aun 1 
2D . 1 1 1 
aT al 2 1 
ie 6 6 6 
ic 6 8 6 
atp 15 16 15 
te 15 17 15 
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2. Carbon has two isotopes, carbon-12 and 
carbon-14, Phosphorus also has two isotopes, 
phosphorus-31 and phosphorus-32 (Table 8.3). 

Isotopes have vast applications. They have 
been used to study the mechanism of chemical 
reactions, Radioactive isotopes are used to check 
cancerous growth and for treating diseases such 
as those of the thyroid glands. 


8.6 Dalton’s Atomic Theory and Its 
Modifications 


Dalton proposed his atomic theory in 1807. 
Becquerel’s work on radioactivity and other sub- 
sequent findings about atoms have necessitated 
some modifications in the theory. The theory 
and its modifications have been given below. 

1, Elements are made up of very small and 
indivisible particles called atoms. 

That elements are composed of atoms has 
been found to:be true. But atoms are no longer 
tegarded as indivisible. They themselves are 
made up of subatomic particles—electrons, 
protons and neutrons. Radioactive elements dis- 
integrate and atoms can now also be broken by 
artificial means, 

2. Atoms of an element are all alike. 

The statement is no longer regarded as abso- 
lutely correct. The phenomenon of isotopy goes 
against this statement. There are atoms of the 
same element which have different relative ato- 
mic masses. Most of the elements have isotopes. 

3. Atoms cannot be created, divided or des- 
troyed. 

As far as chemical reactions are concerned 
this statement can be taken to be true, as, in 
chemical. reactions, atoms react as indivisible 
particles, except that electronic changes do 
take place. 

In nuclear reactions, however, atoms can be 
created, divided and destroyed. 

4. Atoms combine together in the ratio of 
small whole numbers. 

This statement is true for most elements. Car- 
bon, however, forms complex organic com- 


—————E—————— 


pounds with giant molecules containing thou- 
sands of atoms, e.g. polythene or polyvinyl- 
chloride (a synthetic fibre). 


8.7 Chemical Bonding 


With the development of theories about the 
structure of the atom, attempts .were made. to 
explain the mechanism of combination between 
elements. It was observed that ‘the noble gases 
enter into chemical combination far less readily 
than other elements. It is'fair to assume that 
noble gases have a stable electronic configuration 
and that the unreactive nature of these elements 
is due to their special electronic configuration. In 
1916, Kossel and Lewis independently put for- 
ward the view that elements tended to react 
together so as to attain the stable electronic con- 
figurations of the nearest noble gases. Thus when 
elements combine they either attain the stable con- 
figuration of helium, that is, they attain a duplet 
of electrons and have two electrons in the outer- 
most shell, or they attain an octet of electrons and 
have eight electrons in their outermost shell. 


8.8 Electrovalent or Ionic Bond — 


Kossel’s work was directed towards explaining 
the combination between metals and non-metals. 
In such a reaction, an atom of the metal loses 
electrons fromcits outermost shell, the number of 
electrons lost being equal to its valency. These 
electrons go to the outermost shell of the non- 
metallic atom, and both the atoms thus attain 
the stable electronic configuration of a noble gas. 
Mostly ‘octet of electrons, but in somé €ases 
duplet of electrons, are created in the outermost 
shells of metallic and non-metallic elements.” 

Compounds formed in this way, by transference 
of electrons from the outermost shell of metallic 
atoms to the outermost shell of non-metallic 
atoms, so that all the atoms attain the stable 
electronic configuration (duplet or octet). of 
noble gases are called electrovalent or ionic 
compounds, and the combination is called electro- 
‘valent combination. 
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Electrovalency is the number of electrons which 
a atom of an element: transfers. or gains in a 
chemical combination. 


Formation of Ions 

Since excess of protons are left in the nucleus of 
metallic atoms when. they lose electrons, the 
atoms become positively charged, and are called 
cations. The amount of positive charge on the 
cation is equal to the number of electrons lost 
by one atom of the metallic element. . 

Because of excess electrons, by the gain of 
electrons, non-metallic atoms become negatively 
charged, and are called anions. The amount of 
negative charge on the anion is equal to the num- 
ber of electrons gained by one atom of the non- 
metallic element. 

The ions attract each other because they pos- 
sess. opposite electric charge. Thus the stability 
of an ionic solid depends upon the eletrostatic 
interaction between the ions. The bond so 
formed is called the ionic bond. 


Examples of Electrovalent Compounds 


1. Sob1UM CHLORIDE 
The electronic configuration of sodium atom is 
2, 8, 1 and that of a chlorine atom is 2,''8, 7. 
When. sodium .combines with chlorine, one-ele- 
tron from the outermost shell of sodium atom 
is transferred to the outermost shell of chlorine 
atom. Thus sodium (Nat) and chloride (CI-) 
ions are formed. Both attain the stable octet 
electronic configuration of noble gases. The 
combination: issshown in Fig. 8.6. 

The reaction can be represented as follows 
by a dot diagram, showing only the electrons of 
the outermost shell of the elements. 


0° iene eo 
ese mi 5 

No %)+ oC GS —> Ne |§ cl g 
oo | °° 


Note: Electrons shown by dots and circles 
are all identicals. They bave: been shown by 
different symbols just to indicate that they 
belong to different elements. 


Sodium atom (2, 8, 1) Chlorine atom (2, 8, 7) 


—) 


Sodium ion (2,8) Chloride ion’(2, 8, 8) 


FIG. 8,6. Electrovalent combination of sodium and chlorine to form sodium chloride. 


2, MAGNESIUM CHLORIDE 


Magnesium atom has two electrons in its outer- 
most shell. The two electrons are transferred to 
two chlorine atoms whereby the magnesium ion 
(Mg**)and the two chloride ions (CI-) attain the 
Stable octet electronic configuration of noble 
gases. The combination has been shown in 
Fig. 8.7. 

Electron dot diagram for magnesium chloride 
is as follows. 


e° 2+ a 
° 
Vag +25 ct ¢ mali see 
°° eo 


2. SODIUM SULPHIDE 


The electronic configuration of sodium atom is 
2, 8, 1 and that of sulphur atom is 2, 8, 6. Two 


v 


= 


Maanesium 
atom (2, 8, 2) 


Two chlorine 
atoms (2, 8, 7) 


FIG, 8.7. Electrovalent combination of magnesium and chlorine to fo: 


64 


Magnesium 
don (2; 8) 


atoms of sodium lose two electrons, one electron 
from each atom. These are gained by one sul- 
phur atom. Thus the atoms attain stable elec- 
tronic configurations. The electron dot diagram 
is as follows. 


2 
oo ra o° 
2Na + Ss gi [1] S 8 
°° ? °° 


4. CALCIUM OxIDE 
The diagram for the formation of calcium oxide 
is shown in Fig. 8.8. 


The electron dot diagram for calcium oxide is 
as follows. 


2-— 
s eo 2+ °° 
° e ° 
Cag t+ 0 5 — Ca a oan 
oo °o°o 


Two chloride 
ions (2, 8,8) 
rm magnesium chloride. 


< 
Ie Oe 


Calcium atom Oxygen 
(2,8 8. 2) atom (2, 6) 


Calcium Oxygen 
ion (2, 8, 8) ion (2, 8) 


FIG.'8.8. Electrovalent combination of calcium and oxygen to form calcium oxide. 


Properties of Electrovalent Compounds 

1. They contain oppositely charged ions only 
and have no molecules in them. 

2. Ions in  electrovalent compounds are 
held together by strong electrostatic forces of 
attraction. Hence these compounds are solids 
with high melting points. 

3. Electrovalent compounds when melted or 
dissolved in water conduct electricity and are, 
therefore, electrolytes. This is due to ions be- 
coming mobile in solution, and in the molten 
state. 

4. Electrovalent compounds are usually solu- 
ble in water but do not usually dissolve in orga- 
nic solvents such as benzene, ether and acetone. 

5, Chemical reactions of electrovalent com- 
pounds in solution are very fast. 

Soluble salts, soluble bases and acids (when 
dissolved in water only) produce mobile ions. 


8.9 Covalent or Molecular Bond 


Lewis put forward another theory to explain the 
combination of non-metallic atoms. When com- 
bination between non-metallic atoms takes place, 
electrons are shared in pairs so that each atom 
attains the stable electronic configuration of a 
noble gas. 

Chlorine atom has seven electrons in its 
outermost shell. If one electron is provided by 
each of the two chorine atoms and shared equally 
by the two atoms, @ molecule of chlorine is crea- 
ted in which both the chlorine atoms attain the 
stable octet electronic configuration as shown in 
Fig. 8.9. 


The electron dot diagram is written as follows. 


ee oo 
fe. ° 
e fe 
ei Kol ‘o! Cl» 


ee 


Shared pair 


oo 


oo 


FIG. 8.9. Covalent bonding in a 
chlorine molecule. 


One shared pair of electrons is represented 


by a single line (—) joining the two atoms 


together and constitutes one.covalent bond. The 
chlorine molecule with one shared pair will have 
a single covalent bond and can be represented 


as ; 
ci—Cl 

Atoms of non-metallic elements combine in 
such a way that they attain the stable electronic 
configuration of noble gases by sharing pairs of 
electrons, each atom contributing one.electron to 
the shared pair. ‘This typeof combination is 
called covalent combination and the molecule 
formed is called a covalent molecule. 

Covalency of an atom is the number of its elec-. 
trons taking part in the formation of shared pairs. 
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Examples of Covalent Compounds . 

1, HyDROGEN MOLECULE bas 

An atom of hydrogen has one electron in its 
only shell. A molecule of hydrogen'is formed by 
the creation of one shared pair of electrons, so 
that both the atoms attain the stable electronic 


configuration of helium (a duplet of electrons), 
see Fig. 8.10. 


FIG, 8.10. Covalent bonding in a 
hydrogen molecule, 


The electron dot diagram for hydrogen mole- 
cule is 


Shared pair 


The structural formula of the molecule is thus 
Tepresented as H—H, 


2. OxyGEN MOLECULE 

An oxygen atom has six electrons in its outer- 
most shell. Ina molecule of oxygen, containing 
two atoms, each atom contributes two electrons 


to form two shared pairs of electrons as shown 
in Fig. 8.11. © 


-? FIG, 8.11, Covalent bonding in an 
Oxygen molecule, 


"Both the atoms attain stable octet of elec 


trons. 
The electron dot diagram of oxygen is 


The structural formula, O=O, thus has two 
covalent bonds. Each shared pair of electrons is 
represented by one covalent bond. 


3. NITROGEN MOLECULE 


A nitrogen atom has five electrons in its outer- 
most shell, In a molecule of nitrogen, contain- 
ing two atoms, each atom contributes three elec- 
trons to form threé shared pairs of electrons as 
shown in Fig. 8.12. 


FIG, 8.12. Covalent bonding in a 
nitrogen molecule. 


The electron dot diagram is 


° e 
o N Noe 


ecoo 
eee 


The structural formula, N=N, has, therefore, 
three covalent bonds, 


4. METHANE MOLECULE 


Carbon has four electrons in its outermost shell 
and hydrogen has one electron in its only shell. 
When carbon combines with hydrogen, the for- 
mer attains an octet of electrons and the latter 
attains a duplet of electrons. Both are stable 
configurations of noble gases, There are four 
shared pairs of electrons as shown in Fig. 8,13. 

The electron dot diagram and structural for- 
mula of the compound are as follows 


H 
e@0 ° q 
HC 8) hai cic Om 
oe | 
H 
H 


FIG. 8.13. Covalent bonding in methane, 


5. CARBON TETRACHLORIDE MOLECULE 

Carbon has four electrons in its outermost shell 
and chlorine has seven electrons in its outermost 
shell, When the two combine, both attain octet 
of electrons as shown ‘in Fig. 8.14. There are 
four shared pairs of electrons. 


FIG; 8:14. Covalent bonding in carbon 
tetrachloride. 


The electron dot diagram and the structural 
formula are as follows. 
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6. WATER MOLECULE 


Water has two hydrogen atoms and one atom 
of oxygen. The hydrogen atoms attain a duplet 
of electrons and oxygen attains an octet of elec- 
trons as shown in Fig. 8.15. 


FIG. 8.15. Covalent bonding in a water 
molecule, 


The electron dot diagram and. the structural 
formula are as follows. 


eo 
e a 
Hia5 60 v6 a4 
eo H 
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7, AMMONIA MOLECULE 

Nitrogen, with five electrons jn its outermost 
shell, and hydrogen, with one electron in its 
only shell, attain an octet and duplet of elec- 
trons respectively as shown in Fig. 8.16. 


= 


FIG. 8.16. Covalent bonding in an ammonia 
molecule. » 


The electron dot diagram and the structural 
formula are as follows: ‘ eae 


H 
eo 4 

4 8 No go4 oHEN=H 
oo 
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8. CarBon DioxipE MOLECULE 

Carbon has four electrons and oxygen has six 

electrons respectively in their outermost shell. 

Two oxygen atoms share two electron pairs each 
_ With a carbon atom as shown in Fig. 8.17. 


GO: 


FIG. 8.17. Covalent bonding in a carbon dioxide 
molecule. 


The electron dot diagram and the structural 
formula are as follows, 


oo °° 
oe eo oes 
oe © 9, 0 O=C=0 
oo O° 


9. HyDROGEN CHLORIDE MOLECULE 


Hydrogen attains a duplet of electrons and chlo- 
Tine attains an octet of electrons when the two 
elements combine to form hydrogen chloride 
molecule (Fig. 8.18). 


°° 
Q 
SOBRE 
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FIG. 8.18. Covalent bonding ina hydrogen 
chloride molecule, 


’ The electron dot diagram and structural for- 
mula may be written as follows, 
°° 
ci. 
oo 


He 


H—Cl 
Properties of Covalent Compounds 

1. Covalent compounds consist of molecules 
and do not contain ions, 


2. Simple covalent compounds are volatile 
liquids or gases because their Molecules are 
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electrically neutral and hence their intermolecu- 
lar forces are weak. In crystalline covalent 
compounds, molecules are held together by weak 
van der Waals forces and have low melting 
points, 

3. Covalent compounds are non-electrolytes 
and do not conduct electricity when in molten 
state or dissolved in water, 

Note: Hydrogen chloride and ammonia are 
covalent compounds which when dissolved in 
water do conduct electricity. These compounds 
Teact with water to produce ions, 


HCl + H2.0 + H,0+ + Ol hg 

hydrogen hydronium chloride 

chloride ion ion 

NH; + H20 + NH{ + OH- 

ammonia ammonium hydroxide 
ion ion 


4. Covalent compounds are usually soluble 
in organic solvents such as benzene, ether and 
acetone. They are usually not soluble in water. 

5. Chemical reactions of covalent compounds 
are usually slow because they involve breaking 
up and making of bonds, Covalent compounds 
having double‘and triple covalent bonds, how- 
ever, react rapidly. 


8.10 Differences between an 
Atom and an Ion 


1. An atom is electrically neutral whereas an 
ion is either positively or negatively charged. 

2. The electronic configuration of an atom is 
different from the electronic configuration of an 
ion, e.g. the electronic configuration of a sodium 
atom is 2, 8, 1, while that of a sodium ion is 
2, 8. 

3. The properties of an atom are different 
from the properties of an ion, €.g. copper ions 
are blue in colour whereas copper atoms form 
reddish-brown copper metal; atoms of sodium 
Teact vigorously with water forming sodium 
hydroxide and hydrogen, whereas sodium ions 
do not react with water as is evident when 


sodium chloride, which contains sodium ions, is 
dissolved in water. 

4. Ions are formed by loss or gain of elec- 
trons from atoms, e.g. sodium ion is formed by 
loss of an electron from a sodium atom. 

Na—e~ > Nat 


8.11 Modern Definition of Valency 


The valency of an element is a measure of its 
combining power. It is generally defined as the 
number of hydrogen atoms which combine with 
or are displaced by one atom of the element. 

Carbon forms several compounds with hydro- 
gen such as methane CH4, ethane C2He, pro- 
pane Cs3Hs, etc. According to the definition of 
valency earlier stated, the valency of carbon in 
these compounds would be 4, 3 and 8/3 respec- 
tively. This is rather confusing. Hence this defi- 
nition of valency is not correct. 

In view of the electronic theory of chemical 
bonding the concept of valency has been chan- 
ged. Valency of an element is the number of 
electrons lost, gained or shared by one atom of 
the element in a chemical combination. 

According to this definition the valency of 
carbon in each of the compounds, methane, 


ethane and propane is 4. 


8.12 Atoms, Molecules and 
Atomicity 


In view of what we have studied in this chapter 
we can define an atom and a molecule as 
follows. 

An atom is the smallest indivisible particle of 
an element that can take part ina chemical reac- 
tion. It may or may not exist separately. 

‘A molecule is the smallest particle of an ele- 
ment or, compound, that can normally exist sepa- 
rately: 

The number of atoms in one molecule of an 
element is called its atomicity. 

Most of the elements which occur in the gase- 
ous state consist of molecules containing two 
atoms each. These are known as diatomic 
molecules, e.g. hydrogen (Ha), nitrogen (Nz), 
oxygen (Oz), chlorine (Cla), bromine (Br2) and 
iodine (I2). 

The molecules of, noble gases contain one 
atom and are therefore called monatomic, e.g. 
helium, neon and argon. Ozone is triatomic (Os), 
phosphorus is tetraatomic (P4) and a molecule 
of sulphur contains 8 atoms (Ss). 


PROBLEMS 


i, (a) With which particles or substances are the 
following names associated: J.J. Thomson, 
Becquerel, Aston, Chadwick, Moseley and 
Rutherford. j 

(b) Give the location, mass and charge of the 
three fundamental particles of an atom. 

2.. (a) Name an atom which does not have neutrons. 

(b). Name a noble gas which is different from other 
noble gases. In which respect is this noble gas 
different? 

3. (a) Draw diagrams of hydrogen, sodium, chlorine, 
argon and potassium atoms. 

(b) In which respects are lithium, sodium and 
potassium atoms similar? 

4, (a) What are valence electrons? 

(b) How does the electronic configuration indicate 


the metallic and the non-metallic nature of an 
element? Are there any exceptions? 
5. (a) Define the terms atomic number and mass 
number, 
(b) How do they, help to find the number of neu- 
trons in an atom? 
6. (a) What are jsotopes? 
(b) What is the function of neutrons in an atom? 
(c) Give two uses of isotopes. 
7. (a) How do. you explain the fractional atomic 
weight (35.5) of chlorine? 
(b) Name the isotopes of hydrogen and carbon. 
Give the different types of particles present in 
them. 


8. Complete the following table: 
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Element Mass Atomic Protons Neutrons Electrons 


: number number 
# (atomic __ oy ' 
weight) F 
A 1 1 
B 4 2 
ORR ll 12 
a © 8 18 17 
ae 819 9 
OR 40 20° 
SS 


24 


10, 


fete 


12. 


(a) Why do. EGl and ?4CI have the same chemical 


Properties? 

(b) In which respect do these atoms differ ? 

(a) What do you understand by the following 
symbols? 


1p, gn and ve 


(b) Name an atom of an element containing two 


‘Protons and an atom of another element with 
“eight electtons in its outermost shell, 
(c) How many protons, electrons and neutrons are 
Present in (i) 735, Gi) $70? 
Fill in the blanks in the following. 


(a) The particles present in see are i Stand 
neutrons. The sum of the t 
called ____- number, 

(b). The atomic mass of an element is due tog es 
and Present in the of an atom. 

(c) Isotopes have same ——__ Number but diffe- 
rent number, ‘This difference is due to 
the particles called aeihe 


) particles is 


State whether the statements given below are true 
or false. Give reasons for your answer wherever 
possible. % 


(a) Isotopes are atoms of elements having same 


atomic mass but different atomic number, 
(b) An atom on the whole is electrically neutral, 
(c) All ‘noble gases have eight electrons in the 
outermost shell, 


. The following table gives. information about the 


patticles A to H. 


(a) Which particle is a metallic atom? 

(b) Which particle is a metallic ion? 

(c) Which two particles are isotopes? 

(d) Which particles are non-metallic atoms? 
(€) Which particle is a non-metallic ion? 
(f) Which particles are atoms of noble gases? 
(g) Which particle is a hydrogen ion? 
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19. (a) Give the Properties of electrovalent 


Particles — Protons — Neutrons Electrons 

A 15 16 15 
B 17 18 18 
Cc 12 12 10 
D 15 17 15 
E 1 0 0 
F 2 2 2 
G 19 20 19 
H 


14. (a) Name thrce elements which form isotopes, 


(b) What are ‘the different sub-atomic particles 
Present in these isotopes. 


15. (a) Write electronic configurations of the elements 


with atomic numbers, 7, 15, 17 and 20, 
(b) What are energy levels in atoms of elements? 
What do they signify? 


16. (a) Why do elements have a tendency to combine? 


(b) In what way is the combination of hydrogen 
atoms forming a hydrogen molecule, different 
from the combination of oxygen atoms to form 
oxygen molecules? 


17. (a) Define electrovalent and covalent combination. 


(b) What is the difference between electrovalency 
and covalency? 


18. (a) How are cations and anions formed in electro- 


valent compounds? Give an example. 

(b) Draw electron dot diagrams of sodium chlo- 
ride, magnesium chloride and calcium oxide. 

com- 
pounds, : 

(b) Solid sodium chloride does not conduct elect- 
Ticity, whereas a solution of the compound in 
water conducts electricity. Explain why this is 
so. 


20. (a) Give three differences between an atom of so- 


dium and an ion of sodium. 
(b) Give three differences between, an atom of 
chlorine and an ion of chlorine. 


21. (a) State the Properties of covalent: compounds. 


(b) How are covalent. compounds different from 
electrovalent compounds? 


23, Draw electron dot diagrams for the following 


compounds: (a) hydrogen chloride, (b) water, (b) 
ammonia, (d) carbon dioxide, (e) nitrogen mole- 
cule, 


\ 


24, Draw electron dot diagram of the following. (a) Which of two elements will form an ionié com- 
pound? What will be the formula of the com- 
pound formed? 

(b) Which two elements will form a covalent com- 
pound? Write the formula of the compound 
formed. 

(c) Which element is a noble or inert gas? 

(d) What is the formula of the molecule of B? 
Write the electron dot diagram. 

é You may use the letters A. B,C and D as 

25. (a) Draw electron dot diagrams of two com- symbols of elements. : 

pounds which are covalent but conduct 
electricity.when dissolved in water. 

(b) A solution of silver nitrate gives a white preci- 
pitate of silver chloride when added to sodium pa AEC eB SEE CPE Sc 5 EN EMTS PRLS 
chloride. There is no precipitate formation Element Mass Atomic Electrons 
when silver nitrate is added to carbon. tetra- number number 


(a) A molecule of an element having a single cova- 
lent bond between atoms, 

(b) A molecule of an element having a double 
covalent bond between atoms. 

(c) A molecule of an element having a triple cova- 
lent bond between atoms. 

(d) A molecule of a compound in which there are 
double covalent bonds. 


29. The following information is given about the ecle- © - 
ments A, B, C, D and E. 


chloride. Why is this so? A 7 3 3 

(c) The boiling point of carbon tetrachloride is B 35 17 17 
less than the boiling point of sodium chloride. Cc 39 19 . 19 
Why is this so? 1 D 14 7 4) 

E 40 18 18 


_ 


26, Fill in the blanks in the following, (a) What type of chemical bond is created in the _ 


(a) When sodium combines with chlorine, one compound formed between B and C? Write 
from the atom of ___ is transferred . » the formula of the compound. 
to the _. __ shell of atom. (b) Which elements will attain the electronic cons” 
(b) When hydrogen combines with nitrogen, the figuration of the element E after combination? 
hydrogen atoms attain_____ of __ electrons (c) Which element is chemically inert? : 
which is the structure of gas. Nitrogen (d) What type of bonding will take place between 
attains of electrons. A and B? Write the formula of the compound. 
noes ; A What is the difference between the electronic - 
27. (a) Draw electronic diagrams of chlorine, calcium configurations attained by A:and B after com- 
and sulphur atoms. bination? 
(b) Aluminium nitride is an ionic compound. (e) Which element has 20 neutrons? 
Draw electron dot diagram of the compound. (f) What type of bonding is created between 
28. The electronic configuration of four elements A, B, hydrogen and the element D when they com- 
Cand D are given below. bine? Write the formula of the compound 
formed. 
A=2,2 : 30, (a) Define the terms atom and molecule, 
B=2, 8,7 (b) What do you understand by atomicity? Give 
C=2, 8, 8,2 examples of a monatomic molecule, a tetra- 


D=2,4 atomic molecule and a triatomic molecule, 
—<2 
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Gas Laws and Chemical Equation 


9.1 Kinetic Theory 


According to the kinetic theory of gases, a gas 
exerts pressure on the walls of its container due 
to constant bombardment of the walls by mole- 
cules of the gas, The pressure of the gasis, thus, 
due to the kinetic energy possessed by its mole- 
cules because of their motion. Hence the theory 
is referred to as the kinetic (measuring motion) 
theory of gases. It is obvious that the fewer the 
number of gas molecules in a given volume, the 
lower. will be its pressure. 
The kinetic theory of gases is as follows. 


1.. Gases consist of very small particles called 
molecules which are in constant motion. 

2. The motion of molecules is in. straight 
lines but chaotic, ie, the molecules move in. a 
random fashion in all directions, Rt 

3. Collisions occur between molecules’but the 
molecules do not lose energy during collisions. 
Collisions with the walls of the container cause 
the gas to exert pressure, 

4. The distance between the molecules is very 
large as compared to the size of the molecules, 

5. The kinetic energy of molecules is directly 
Proportional to the temperature (nore correctly 
the absolute temperature) of the gas. 


Because of the kinetic energy possessed by its 
molecules, gases move in all directions, The 


spontaneous movement of gases inall directions 
irrespective of their densities, is called diffusion. 
Thus, if a gas jar of hydrogen (a lighter gas) is 
inverted over a gas jar of carbon dioxide (a heavier 
gas), mouth to mouth, the two gases will mix 
irrespective of the fact that carbon dioxide, be- 
ing the heavier of the two, is in the lower jar. 
The lighter the gas, the greater is the rate of 
diffusion. 


9.2 The Gas Laws 


Boyle’s Law 


If the volume of a gas is decreased, the area of 
the walls of the container in contact with the 
gas also decreases, ‘This results in a greater num- 
ber of molecules bombarding unit area of the 
walls of the container. Hence the pressure exert- 

‘ed by the gas on the walls increases. The effect 
of pressure of a gas onits volume was suggested 
by Robert Boyle in 1662. 

Boyle’s law states that Sor a fixed mass ofa 
gas, the volume is inversely proportional to its 
pressure, provided the temperature does not 
change. 

Let V be the volume of a given mass of a gas, 


and P be its pressure; then at constant tempera- 
ture, 


1 
Ree 
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t 
Thus, y= constant 
P 
or, PV =constant 
ie.) PiV1 = P2V2 (at a constant 


temperature) 
where P; and V; are pressure and volume res- 
pectively of a given mass of a gas ata given 
temperature, and P2 and V2 are another set -of 
pressure and volume respectively of the same 
mass of gas at the same temperature. 


EXAMPLE I: The volume ofa given mass of a gas 
is 500°cm? when its pressure is 800 mm of mer- 
cury. Calculate its volume at a pressure of 750 
mm of mercury. The temperature remains 
constant. 


Solution: According to Boyle’s law, 


PiVi= P2b2 
800 x 500 = 750 = V2 
800 x 500 
UES G50 
= 533.3 cm3 


Answer; 533.3 cm3 


EXxamPLe 2: The volume of a given mass of a 
gas is 48 cu. ft. when its pressure is 2 atmos- 
pheres. What will its new volume be if the 
pressure is changed to 1.2 atmospheres, keeping 
the temperature constant? 


Solution: According to Boyle's law 
PiV; = P2b2 
or 2x 48=1.2x V2 


2x48 
r= 15 


= 80 cu. ft. 
Answer: 80 cu. ft. 


Charles’ Law 


Frank Charles, in 1787, performed experiments 
to find out the relationship between the volume 
of a gas and its temperature, keeping the pres- 
sure constant. 
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According to Charles? law, fora given mass of 
a gas, the volume of the gas changes by 1/273 of 
its volume at O°C for every I°C change of tem- 
perature, provided the pressure is kept constant. 
Let Vo be the volume of a given mass ofa gas 
at 0°C at a certain pressure. Then at — 1°C , the 


volume. 1 of the gas at the same pressure will 
be 


MW= Vor x(-1) 


Y= vo( area pressure 


remaining constant. 
At —2°C the volume V2 is given by 


= 
V2= vo( i397) pressure remaining 


constant. 
Similarly, at —273°C the volume V3 is 


% 273 ane 
¥3=Vo ( |e aT) = 0, pressure remaining 
constant. 


Thus, if the temperature falls to —273°C, the 
volume of the gas should be zero. Actually, at 
—273°C no substance remains in the gaseous 
State. 

The temperature — 273°C is called absolute 
zero. This is the lowest temperature that can 
theoretically be attained. At this temperature 
molecules have no kinetic energy and hence no 
velocity. Theoretically, gases will occupy no 
volume at this temperature. However, it is prac- 
tically not possible to achieve this temperature. 

A temperature scale with its zero at — 273°C 
and each degree being equal to that on the celsius 
scale is called the Kelyin temperature seale, The 
temperature measured on the Kelvin. scale is 
called absolute temperature, 

To convert celsius temperature . into abso- 
lute temperature, add 273 to the celsius tempe- 
rature. 

Thus, 10°C = 10+273 = 283K (note that no 
degree sign is written when writing the absolute 
temperature) 


and —10°C= —10+273=263K. 
Charles’ law can also be stated as follows. 

For a given mass of a gas, the volume of the gas 
is directly proportional to its absolute temperature, 
Provided pressure remains unchanged, 

' Let V be the volume ofa fixed mass of a gas 
and T be its absolute temperature at a given 
pressure, 


Then, Ver 

or, V=constant x 7 
V 

or, ie constant 


This means that if V; and 71 are the volume 
and absolute temperature respectively of a given 
mass of a gas at a given pressure, and if V2 and 
T2 are another volume and absoltite tempera- 
rature of the same mass of gas at the same 
pressure, then, 

Va. Va 
T% Tr 


EXAMPLE 3: The volume of a given mass of a 
gas is 240 cm? at a temperature of 15°C. Calcu- 
late its volume at 87°C, pressure remaining 
constant. 


Solution: According to Charles’ law 
Vi Va 
T1. Te 
240 Rh) 
(15+273)  (87+273) 
Ry Pak 240 x 360 
: 288 
= 300 cm? 
Answer: 300 cm3, 


EXAMPLE 4; At a constant pressure of 750 mm 
of mercury, 25 cm? ofa gas at ~23°C was 
heated to a temperature such that it occupied 
a volume of 29 cm*. What is the temperature 
to which the gas was heated? 


Solution: According to Charles’ law, 
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5 29 
=234273” Tr 


he 29 = 
=290 K 
or, 290 — 273 =17°C 
Answer: 17°C 
The Gas Equation 


If both the pressure and temperature of a fixed 
mass of gas are changed, both Boyle’s and 
Charles’ law should be applied in order to’ find 
the final volume of the gas. 

According to Boyle’s law 


PV=constant 
According to Charles’ law 


= constant 


Combining both the laws, 
PV 
a = constant 


The above expression is called the gas 


equation. 
According to the gas equation 
PiVi _ P2V2 
T% T2 


STANDARD TEMPERATURE AND PRESSURE 
In order to compare the volumes of gases stan- 
dard conditions have been specified, called stan- 
dard temperature and pressure or STP. Stan- 
dard temperature is 0°C or 273K and standard 
pressure is 760mm of mercury, also, called 1 
atmosphere pressure. 

This is also at times, referred to as NTP 
(normal temperature and pressure). 


EXAMPLE 5: 500 cm? of a gas at —3°C and 700 
mm of mercury are heated to 39°C at 1 atmos 
phere pressure. What will be the new volume? 
Solution: P:=700 mm of Hg, ¥i=500 cm’, 
T= -3+273=270K 


P2=1 atmosphere=760 mm of Hg. 
Vo=2, T2=39+273=312 K 
According to the gas equation 


PiV1 “ss P2V2 
Ti T2 
700 x 500 _ 760 x V2 
270 312 
100% 500 312. 
RES BaIOF ORT 760 
= 532.2 cm? 


Answer: 532.2 cm? 


EXAMPLE 6: 380 cm? of a gas is at 82°C and 71 
cm of mercury. What will be its volume at 
STP? 
Solution: Pi=71 cm of Hg,-Vi= 380 cm?, 
7, =82+ 273 =355 K 
P2=76 cm of Hg, V2=? 
T2=04 273 = 273K 
From the gas equation 


Pian P2V2 
Ti T2 
71 x380 _ 76% V2 
355 273 
71 x 380 _ 273 
Var 355. 76: 
=273 cm. 


Answer: 273 cm? 


EXAMPLE 7: 280 cm? ofa gas are at 77°C and 200 
mm of mercury. If the gas is cooled to -9C, 
the volume becomes 128 cm’. What is the new 
pressure of the gas? 
Solution: P1=200 mm of Hg, V1= 280 cm}, 
T1 = 77 +273 = 350 K 
P2=2, V2=128 cm, T2= —9+273 
= 264 K 
From the gas equation 
Piva _ Pav 
T1 T2 


15 


200x280 P2x 128 


350 264 
_ 200 280 , 264 
a 350 128 


= 330 mm of mercury 
Answer: 330 mm of mercury. 


Gay-Lussac’s Law of Gaseous Volumes 
Gay-Lussac, in 1805, performed series of experi- 
ments on combining volumes of gases, and dis- 
covered that gases combined in simple ratios 
by volumes, if the volumes were measured at 
the same temperature and pressure. For exam- 
ple, 1 volume of hydrogen combines with 1 
volume of chlorine to give.2 volumes of hydro- 
gen chloride gas, provided the volumes of gases 
are measured at the same temperature and 
pressure. The volumes of gases-are in the ratio 
of 1: 1:2, which is a simple ratio. 1 volume of 
nitrogen combines with 3 volumes of hydrogen 
to give 2 volumes of ammonia at the same 
temperature and pressure. The volumes are in 
the simple ratio of 1:3:2. On the basis of 
many other gaseous reactions Gay-Lussac for- 
mulated a law called Gay-Lussac’s law of com- 
bining volumes which can be stated as follows. 

When gases react, they do so in volumes which 
bear a simple ratio to one another, and to the 
volume of the product, if gaseous, provided the 
volumes are measured at the same temperature 
and pressure. 


Ayogadro’s Law 
Avogadro introduced the term molecule and 
differentiated it from an atom. He formulated 
a law giving the relationship between the 
number of molecules and the volumes of gases. 
Avogadro’s law states that equal volumes of 
all gases contain the same number of molecules, 
provided the volumes are measured at the same 
temperature and pressure. 
APPLICATIONS OF Ayocapro’s LAw 
1. It helps to find out the atomicity of gases. 
2. It explains Gay-Lussac’s law of gaseous 
volumes. 


3. It establishes the relationship between the 
relative vapour density of a gas and its 
relative molecular mass. 


The relative vapour density of a gas or vapour 
1s the ratio between the masses of equal volumes 
of the gas or vapour and hydrogen under similar 
conditions of temperature and pressure. 

Relative. molecular mass of a substance is 
the ratio between the mass of one molecule of 
the substance and one atom of hydrogen (on the 
hydrogen scale). 


Relative molecular mass of a gas or vapour 


_ Mass of | molecule of gas or vapour 
Mass of } atom of hydrogen 


() 
Relative vapour density of a gas or vapour 


= Mass of 1 volume of gas or vapour 
Mass of 1 volume of hydrogen 


(Volumes are measured at same temperate 
and pressure.) 


According to Avyogadro’s law, ‘volumes at 
same temperature and pressure’ may be substi- 
tuted by ‘molecules’, Hence, 


‘Relative vapour density 


= Mass of 1 molecule of gas or vapour 
Mass of 1 molecule of hydrogen 


Now, @ molecule of h drogen is diatomic. 
Hence, irglative vapour density 


= Mass of 1 molecule of gas or vapour 
~ Mass of 2 atoms of hydrogen 


-"\) 2 *relative vapour density 


_ Mass of I’ molecule of gas or vapour 
“Mass of I atom of hydrogen 2) 


Comparing equations (1) and (2), we have 
2x relative vapour density of a gas or vapour 
=relative molecular mass. 


or 2xV.D.= Relative molecular mass 
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9.3 Atomic and Molecular Mass 


Relative Atomic Mass 


An atom is a very smau particle and cannot be 
seen even by the most powerful microscope. 
Physicists have been able to find out the masses 
of atoms of elements by indirect methods. An 
atom of hydrogen weighs 1.67 x 10-*4 ¢ and an 
atom of oxygen weighs 26.5 x 10-*4 g. Thus, if 
we were to write the actual masses of atoms 
of elements in grams, it would mean working 
with very small numerical factors. 


Just as we have units for length and mass, 
e.g, a metre and a kilogram respectively, for 
comparing the lengths and. masses of other 
substances, we could use the mass of some light 
atom as a unit to compare the masses of atoms. 


The hydrogen atom is the lightest atom and 
was, therefore, chosen for this purpose. Hence 
the atomic mass of an element is more correctly 
called relative atomic mass. /t is defined as the 
number of times an atom of the element is heavier 
than an atom of hydrogen. Relative atomic mass 
is often simply referred to as atomic mass. 


On this standard, the atomic mass of oxygen 
is almost 16, which means that the mass of an 
oxygen atom is 16 times the mass of an atom 
of hydrogen. 

In 1961, however, a different international 
standard for the unit of atomic mass was adop- 
ted. The present definition of relative atomic 
mass is as follows. 

Relative atomic mass of an element is the 
number of times one atom of the element is 
heavier than one-twelfth of the mass of an atom 
of the commen isotope of carbon, carbon-12. 

The atomic masses according to the present 
atomic mass unit (amu) are very close to the 
atomic masses according to the hydrogen 
standard. These have been given in Table 10.1. 

When the atomic mass of an element is ex- 

pressed in. grams, it is called the gram atomic 
mass or one gram-atom of the element. For 


Table 10.1 Symbols and atomic masses 
of some elements 


Relative Molecular Mass 
The mass of a molecule of an element ora 


————————— 


Element Symbol ‘Atomic mass compound is also compared with the mass of a 
‘hydrogen atom. The reasons, are’ the: sameas 
Aluminium Al 27 in the case of relative atomic mass. Relative 
Argon Ar 40 molecular mass is. defined as the number of 
Barium Be 15% times one molecule of the substance is heavi 
Bromine Br 80 AGE 
Galea Ca 40 than one atom of hydrogen. 

Carbon c 12 The definition of relative molecular mass was 
Chlorine cl 35.5 also changed in 1961. The relative molecular 
et a i mass of an element or compound, is the number 
ibacas i 3 of times one molecule of the substance is heavier 
Gold Au 197 than one-twelfth of the mass of the common 
Helium He 4 isotope of carbon, carbon-1 2. 

Hydrogen H 1 The gram molecular mass of a substance is the 
Iodine I 127 molecular mass of the substance expressed in 
Tron Fe 56 ar 

edi any 207 grams. This is also called gram-formula of the 
Lithium Li 7 substance. 32 g of oxygen is one gram-formula 
Magnesium Mg 24 or one mole of oxygen molecules. 

Manganese Mn 55 

weeny He os Mole of molecules 

Nath Ne 20 _ Mass of the substance in grams 
Nitrogen N 14 gram-molecular mass of the substance 
Pasa ~ 4 4 Number of moles in 88 grams of carbon 
Potassium K 3S rieige 88 

Radium Ra 226 dioxide =37 =2 

Silicon Si 28 rt 
Silver Ag 108 The molecular mass of a compound can be 
Sodium Na 23 calculated from the formula of the compound. 
Sulphur s 32 It is the sum total of the atomic masses of all 
cana i pe component atoms in one molecule of the com- 
Zine Zn 65 pound. Some examples are as follows, 


pee 


example, one gram-atom of oxygen is 16 g of 
oxygen. 

One gram-atom of an element is also called 
one mole of atoms of the element. Thus 16 g of 
oxygen is one mole of oxygen atoms, 35.5 g of 
chlorine is one mole of chlorine atoms. Hence 
71 g of chlorine is 2 moles of chlorine atoms. 


Mole of atoms 


_ Mass in grams of element 
gram-atomic mass of element 


CO2=12+(16 x 2) =44 
H2SO4=(1 x 2) +32+(16 x 4j=98 
NH3= 144 (1 x 3)=17 


Molar Volume (or Gram-Molecular Volume) 
Molar volume, also called gram-molecular volume 
(G.M.V.),° of any gas is the volume occupied at 
STP. by one gram-molecule (molecular mass in 
grams) of the gas and is.equal to 22.4. dm? or 
22.4 litres. hoy ty 
Thus 22.4 dm? at STP of hydrogen, oxygen, 
carbon dioxide, and ammonia will weigh 2g, 32g, 
44g and 17g respectively. Since the volumes at 
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STP are same, all these gases will contain the 
same number of molecules. The number of 
molecules contained in one mole or 22.4 dm? 
at STP has been found to be 6.02 x 103. This 
number is called Avogadro’s number and is re- 
presented by Na. 

Molar volumes and the masses of some of the 
gases have been shown in Fig. 9.1. 


Carbon 
Hydrogen Oxygen Nitrogen dioxide 


44g 
Any gasor 
vapour 


28g 


Ammonia 


imole 


FIG. 9.1. Molar volumes (at STP) and masses of 
some gases. 


EXAMPLE 8: 6 dm? of hydrogen is reacted with 
5 dm! of chlorine at the same temperature and 
pressure. What will be the composition and 
volumes of the gases left? 


Note: The reacting volumes and the volumes 
of the products will be decided by the volume of 
the gas which reacts completely. 

Solution: We have 

H2 + Ch + 2HC) 
1molecule 1 molecule 2 molecules 
Applying Avogadro’s law, 1 volume of hydrogen 
reacts with 1 volume. of chlorine to give 2 
volumes of hydrogen chloride gas, Therefore, 
5 dm? of hydrogen reacts with 5dm3 of chlorine 
to give 10 dm? of hydrogen chloride gas. 
Volume of hydrogen left=(6—5)=1 dm3 


Volume of hydrogen chloride formed = 10 dm? 
Total volume of gases = 11dm? 


Answer: H2=1dm3; HCI=10 dm3; total 
volume = 11 dm? 
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EXAMPLE 9: 8 cm? of the hydrocarbon, methane, 
was mixed with 50 cm? of oxygen and exploded. 


The gases were then cooled to room temperature. ’ 


What will be the composition and the volumes 
of the resultant gases? 


~ Solution: Hydrocarbons are compounds of 
carbon and hydrogen only. They burn in oxygen 
to form carbon dioxide and water. 


CHs + 202 +> COz2 + 2H20 
1molecule 2molecules 1 molecule 2 molecules 
1 vol 2 vols 1 vol nil 


Atroom temperature water is a liquid, hence its 
volume is negligible ascompared to the volumes 


of the gases. Hence, 


CH4 + 202 > CO2 + 2H20 
8cm*? 16cm* 8 cm? nil 
Volume of unreacted oxygen =(50— 16) 

= 34 cm3 
Volume of carbon dioxide 
formed = 8 cm? 
Total volume ot gases left = 42 cm? 
Answer; O2=34 cm; CO2=8 cm3; 
total volume = 42 cm? 


EXAMPLE 10: 20 cm? of carbon monoxide are 
exploded with 25 em? of oxygen and coo led to 
the original temperature and pressure. Calculate 
the volumes of the resultant gases. 


Solution: 


2CO + O2 — 2CO2 
2 molecules 1 molecule 2 molecules 
2 vols 1 vol 2 vols 
20 cm® 10 cm? 20 cm® 
Volume of unreacted oxygen =(25—10) 
=15 cm3 


Volume of carbon dioxide 
formed = 20 cm? 
Total volume of gases left = 35 cm3 


Answer: O2= 15 cm3- CO2=20 cm}; total 
volume = 35 cm3 


EXAMPLE II: 9.8 g of a gas occupied 6.8 dm? 
at STP. Calculate the molecular weight of the 


: 


gas. If the atomic weight of the gas is 16, what 
is the atomicity of the gas? 


Solution: 6.8 dm? of the gas at STP weigh 
9.8 g. 
22.4 dm} of the gas at STP will weigh 


9.8 
= 9 
68 X 22.4 g=32.28 g 


Molecular weight = 32.28 


...,_ Molecular weight 
Atomicity = 4 tomic weight 


Answer: Avomicity =2 


EXAMPLE 12: 14 g of a gas occupied 11.66 litres 
at 26°C and 800 mm of mercury. Calculate the 
molecular weight of the gas. 


Solution: From the gas equation 


PiVi _ P2V2 
Ti T2 
800 x 11.66 _ 760 x V2 
273426273 
800 x 11.66 » 273 
Va=——399 760 


= 11.2 litres. 


Thus, volume of the gas at STP is 11.2 litres. 
11.2 litres of the gas at STP weighs 14 g 


22.4 litres at STP will weigh is x22.4g 


=282 
Molecular weight = 28 
Answer: Molecular weight = 28 
EXAMPLE 13: Calculate the volume of 80g of 
sulphur dioxide at STP. 


Solution: Molecular weight of SO2 
= 32+(16 x 2)=64 
64 g of SO2 at STP occupy 22.4 dm? 
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80 g of SOz at STP will oceupy== «80 


=28 dm? 
Answer: 28 dm? 


EXAMPLE 14: The molar volume of gases at 
25°C and 760 mm of mercury is 24 litres. What 
will be the molecular weight of a gas, 7g of 
which at 27°C and 600 mm of mercury occupies 
580 cm*? 


Solutien: Calculation for volume at 25°C and 
760 mm. P1=600 mm, Vi =580 cm?, 


T1 =27+273 =300 K 
P2=760 mm, V2=?, 
T2= 25 +273 =298 


From the gas equation 


P1Vi _ P2V2 
Ti T2 
600 x 580 _ 760 x V2 
300 298 
r= 600 x 580_, 298° 
300 760 
= 454.8 cm? 


454.8 cm? of gas at 25°C and 760 mm pressure 
weighs 7g 
.. 24,000 cm? of gas at 25°C and 760mm _ will 


fj 7 
weigh 7548 x 24000 g 


= 369.4 ¢ 
Molecular weight = 369.4 
Answer: Molecular weight = 369.4 


9.4 Calculations on Formulae and 
Equations 


Percentage Composition 


A symbol represents one atom of an element. 
Molecular weight of a substance can be calculat- 
ed by finding the sum of the weights of all the 
atoms shown in the formula. 


Care must be taken not to confuse addition 
and multiplication signs. 
Some examples are as follows. 


1. Potassium hydroxide, KOH 
K OH 
39+16+1=56 
Molecular weight = 56 
2. Calcium nitrate, Ca(NOs)2 
Ca (NO3)2 
40 +2[14+(16 x 3)] 
= 40 + 2/62] 
= 40+ 124=164 
Molecular weight = 164 
3. Sodium carbonate crystals, NaxCO3-10H20 
Naz C  O; 10H20 
(2X 23)+12+(3 x 16) +10[(2 x 1) + 16] 
= 46+ 12+48 + 10[18] 
= 286 
Molecular weight = 286 


EXAMPLE 15: Calculate the percentage by weight 
of carbon in potassium ferrocyanide, K4Fe(CN)¢. 


Solution 
Ky Fe (CN)6 
(4x 39) +56 +6(12 +14) 
= 156456 +156 
= 368 


368 parts by weight of KsFe(CN)s contain 72 
parts by weight of carbon. 


., 100-parts will contain ey 100 
368 
=19.56 


Answer: percentage of carbon = 19,56 


EXAMPLE 16: Calculate the percentage by weight 
of water of crystallisation in magnesium sulphate 
crystals, MgSO4-7H2O0 


Solution 
Mg §S Os 7H20 
= 244+32+(4 x 16)+7[(2 x 1)+ 16] 
= 24+32+64 +126 
= 246 


246 parts by weight of crystals contain 126 
parts by weight of water 


: : 126 
.. 100 parts by weight will contain we x 100 
= 51.2% 
Answer: perceniage of water = 51.2 


EXAMPLE 17: Calculate the percentage by weight 
of nitrogen in ammonium nitrate crystals. 
Solution N Hz, N O3 
=14+(4x 1)+14+(3 x 16) 
=14+4+14+48=380 
80 parts by weight of NH4NOs contain 28 
parts by weight of nitrogen 


5 


so x 100 
=35 
Answer. percentage of nitrogen = 35 


.. Percentage of nitrogen = 


Empirical Formula 

Empirical formula or simplest formula of a coni- 
pound is the formula which gives the number of 
atoms of different elements presents in one mole- 
cule of the compound in the simplest numerical 
ratio. 

For example, the true or molecular formula of 
glucose is CéH120¢ and its empirical formula is 
CH20. Similarly the true formula of hydrogen 
peroxide is H2O2 and its empirical formula is 
HO. 

In order to find out the empirical formula of 
any compound the following method is adopted. 


1. The composition of the compound must 
either be given in percentage by weight of each 
part of the compound, or the weight of each 
part ina fixed weight of the compound should be 
given. 


ai, 


eS 
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2. The weight of each element is divided by 
its atomic weight. This gives the ratio of the 
numbers of atoms in a molecule of the compound. 

3. Ifthe weight of water of crystallisation is 
given, it should be divided by the molecular 
weight of water. This gives the ratio of the num- 
ber of water molecules in one molecule of the 
compound, 

4. The numbers obtained in'steps 2 and 3 are 
divided by the smallest number to get the ratios 
in the simplest whole numbers. If the ratio in a 
particular case is 1 : 1.5, multiply by 2 to get a 
whole number ratio, thus obtaining 2 : 3. 

5. At times the percentage of oxygen is not 
given. Add the percentages of the elements 
given. If the sum of percentages of all the 
elements does not come to 100, the remaining 
percentage is that of oxygen. 


EXAMPLE 18: A compound contains 29.4% cal- 
cium, 23.5% sulphur and 47.1% oxygen. Cal- 
culate the simplest formula of the compound. 


Solution 
Calcium Sulphur Oxygen 

%composition 29.4 23:5 47.1 
Divide by atomic 29.4- 23.5 471 
weights 40 Adan 16 
Ratio of atoms 0.735 0.735 2.95 
Divide by smallest 0.735 _ 0.735 _ | 2.95 4 
number 0.735 0.735 0.735 


.. Empirical formula is CaSOs. 
Answer: CaSO4 


EXAMpLr 19: A compound contains 16.1% sodi- 
um, 4.2% carbon, 16.8% oxygen and 62.9% 
water of crystallisation. Calculate its empirical 
formula. 


Solution 
Sodium Carbon Oxygen Water 


°% composition 16.1 4.2 16.8 62.9 
Divide by atomic 16.1 42 16.8_ 62.9 
weight (molecular 23 12 16 18 
weight in case of 
water) 
Ratio of atoms 0.70 0.35 1.05 3.50 
or molecules 

70 0.35 1.05, 3.50 10 


Divide by 0.70 _ Pe, gene fetes 
O38 Oa ee. OS Os 


smallest number 0.35 0.3 


.. Empirical formula is NazCO3-10H20 
Answer: Na2CO3-10H20 


EXAMPLE 20: A crucible when weighed alone 
was found to be 15.25 g. When this crucible 
was weighed with crystals of copper sulphate 
(CuSO4-xH20), the total weight was found to 
be 18.45 g. On heating, the water of crystallisa- 
tion was driven out. The crucible and the anhy- 
drous copper sulphate was found to weigh 
17.29 g. Find the value of x. 


Solution: Weight of water = (18.45 — 17.29) 


=1.16¢g 
Weight of anhydrous 


copper sulphate =(17.29—15.25) 
=2.04 g 
Molecular weight of CuSO4 =(64+32 +64) _ 
=160 
Molecular weight of water =18 
CuSO>, H.O 
Mass in grams 2.04 1.16 
Divide by molecular 2.04 1.16 
weights 160 18 
Ratio of molecules 0.01275 0.0644 
Divide by smallest _ 0.01275. _, 0,0644 5 95 
number 0.01275. 0.01275" 


~, Empirical formula = CuSO4-5H20 
Answer: x=5 


EXAMPLE 21: A compound weighing 5g when 
analysed was found to contain 3.442 g of carbon, 
0.246 g of hydrogen and 1.312 g of oxygen. Cal- 
culate its empirical formula. 


Solution 
Carbon Hydrogen 
Mass in grams 3.442 0.246 1,312 
Divide by atomic 3.442 0.246 1.312 
weights 12 1 16 
Ratio of atoms 


Divide by smallest 0,286 =35 0. 246 _ 3 082 _; 
number 0.08: “~ 0,082 082 
Multiply by 2 7 6 2 


.. Empirical formula = C7H6O2. 
Answer: C7H6O2 
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Molecular Formula or True Formula 
The molecular or true formula of a compound 
shows the actual number of atoms of different 
elements contained in one molecule of the com- 
pound. For example, molecular formula of glu- 
cose is CeéHi206 and of hydrogen peroxide is 
H202. 

The empirical formula of the compound is 
found by the methods indicated above, and the 
empirical weight is calculated. Then 


Molecul sia Number by which the empi- 
Molecular ween rical formula is multiplied to 
ae 8 get the molecular formula. 


EXAMPLE 22: A compound contains 92.3% car- 
bon and 7.70% hydrogen. Its vapour density is 
39. Calculate its molecular formula. 


Solution 
Carbon Hydrogen 

% composition 92.3 7.70 
Divide by atomic 92.3 7.70 
weights 12 1 
Ratio of atoms 7.69 7.70 
Divide by smallest 7.69 __ 7.10. 1 

7.69 7.69 


*, Empirical formula = CH 
Empirical weight =12+1=13 
Molecular weight =2 x V.D.=2 x39=78 
Molecular weight IRs 
Empirical weight 13 
Hence the molecular formula = CeéHe 
Answer: CeHe 


EXAMPLE 23: A compound contains 40% carbon, 
6.70% hydrogen and 53.3% oxygen. 5.6 litres 
of the compound in gaseous state at STP weighs 
15 g. Calculate the molecular formula of the 
compound. 

Solution: 5.6 litres at STP weigh 15 g. 

22.4 Titres will weigh 22 22.4 

=60¢ 


.”.- Molecular weight =60 


Carbon H,drogen Oxygen 
% composition 40 6.70 53.3 
Divide by atomic 40 6.70 53:3 
weights pR 1 16 
Ratio of atoms 3.33 6.70 3.33 
Divide by smallest 3.33 _ 1 §.70_ 2 3.33 _ 1 
333 3.33 3.33 


*. Empirical formula = CH20 
Empirical weight = 12+2-+16=30 
Molecular weight _ 60 _ 2 
Empirical weight 30 

.. Molecular formula = C2H4O2 
Answer: C2H4Q2 


EXAMPLE 24: A given mass of a compound con- 
tains 0.188 g of carbon, 0.062 g of hydrogen and 
0.25 g of oxygen. The molecular weight of the 
compound is 32. Calculate its molecular formula. 


Solution 
Carbon Hydrogen Oxygen 
Mass in grams 0.188 0.062 0,25 
Divide by atomic 0.188 0.062 0.25 
weights 12 1 16 
Ratio of atoms 0.016 0.062 0.016 
Divide by smallest 0.016 _ 0.062 _ 4 0.016_| 
0.016 — 0.016 — 0.016 — 


*, Empirical formula = CH4O 
Empirical weight = 12+ 4+ 16 =32 


Molecular weight 32 


Empirical weight ~ 327! 


Hence molecular formula is also CH4O. 
Answer: CH4O 


Calculations from Equations 


From chemical equations it is possible to find 
the weights of substances formed from given 
amounts of reactants. In case of gases, it is possi- 
ble to find their volumes at STP. The following 
points need to be kept in mind while performing 
the calculations. 

1. If the weights of gases formed are given 
in grams, then a gram-molecule of any gas at 
STP occupies 22.4 litres. 
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2. In case only weights are involved in cal- 
culations, the units of weight used do not matter 
provided the same units are used throughout. 

3. The number in front of a formula indica- 
tes the number of molecules; thus 3Cu(NO3)2 
means three molecules of copper nitrate. 


EXAMPLE 25: Calculate the weight of calcium 
carbonate which would produce 10 tons of cal- 
cium oxide. 


Solution 
CaCOs3 +> CaO + CO2z 
(40+12+3x 16)] [404-16] 
100 56 


56 tons of calcium oxide are formed by 100 
tons of calcium carbonate. 
= 10 tons of calcium oxide will be formed by 
(100/56) x 10 tons = 17.86 tons of calcium carbo- 
nate. 

Answer: 17.86 tons. 


EXAMPLE 26: 5.0 g of impure calcium carbonate 
when reacted with excess of dilute hydrochloric 
acid produced 2.1 g of carbon dioxide. Calculate 
the percentage purity of calcium carbonate. 


Solution 
CaCO;+ 2HCIl>CaCk+H20+ CO2 
(40-+12-++-(3X.16)] [12+(2 x 16)] 
100 44 


44 g of COz are formed by 100g of pure CaCOs3 
“=. 2.1 g of CO2 will be formed by ae x21 
=4.77 g of pure CaCOs 
5 g of impure CaCO3 contains 4.77 g pure CaCOs 
+, 100 g will contain#2” x 100=95.4 g 
percentage purity =95.4 
Answer: 95.4% 


EXAMPLE 27: How many grams of pure sulphu- 
ric acid are needed to prepare 33 g of ammo- 
nium sulphate from ammonia? ; 
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Solution 
2NH3 +HoSO, — (NHa«)2SO4 
((2x 1) +-32+-(4x 16)] 2 14-+-(1xX4)]-+32+ (4 x 16) 
98 132 


132 g of (NH4)2SO4 are formed by 98 g of 
H2S04 
*. 33 g of (NH4)28Os will be formed by 
98 
737 *33 g=24.5 g 
Weight of H2SO. needed = 24.5 g 


Answer: 24.5 g 


EXAMPLE 28: Calculate the mass of magnesium 
chloride formed and the volume of hydrogen 
formed at STP when 36g of magnesium is 
reacted with excess of hydrochloric acid. 


Solution 


Mg+2HCl > MgClz hic H2 
24 (24+(2x35.5)] 1 g-molecule 
24 95 22.4 dm? 

at STP 


(a) 24 g of Mg forms 95 g of MeCl2 
.”. 36 g of Mg will form 


95 
54 x 36= 142.5 g MgCle 


Weight of MgClz formed = 142.5 g 
(b) 24 g of Mg form 22.4 dm? of H2 at STP. 


~. 36 g of Mg will form Bests 36 


24 
= 33.6 dm? 
Volume of H2=33.6 dm? at STP. 
Answer: 142.5 g; 33.6 dm?® 


EXAMPLE 29: Calculate the mass of potassium 
chloride formed and the volume of oxygen 
evolved and measured at 27°C and 750 mm of 
mercury when 49 g of potassium chlorate are 
heated. 


Solution 
2K C103 => 2KCl + 302 
2[39-+-35.54-G3 x 16)] 2(39+-35.5) 3g-formula 
245 149 3x 22.4=67.2 dm* 
5 at STP 


N= 


w 


* 


a 


‘dd 


. 1500 cm* 


(a) 245 g of KCIO3 form 149 g of KCI 
. 49 g-of KCIO3 will form 


149 
245 
Mass of KCl formed = 29.8 g 
(b) 245 g of KCIO3 form 67.2 dm3 at STP 
-. 49 g of KCIO2 will form 


87.2 .. 49 = 13,44 dm? at STP 


245 


x49 = 29.89 of KCI 


Now 
P;=760 mm, Vi=13.44 dm3, 7;=273K 


P2=750 mm, ¥2=?, T2=27+273 =300 


Pi 33 P2V2 
Ti T2 


760 x 13.44 750 V2 
273 300 


760 x 13.44 | 300 


23. 750 


Volume of oxygen at 750 mm of mercury 


Vz= 14.97 dm3 


and 27°C = 14.97 dm3 


Answer:14.97 dm3 


PROBLEMS 


. State the kinetic theory of gases. 

(a). Define diffusion of gases. 

(b) State Boyle’s law and Charles’ law. 

. (a) What do you understand by the terms abso- 

lute zero and absolute temperature? 

(b) Derive the expression for general gas equation. 

(a) What do you understand by STP? What is its 

significance? 

(b) State Gay-Lussac’s law of gaseous volumes. 

Give two examples to prove the law. 

(a) State Avogadro’s law. 

(b) Prove that molecular Weight=2 x V.D, 

(a). What do you understand by relative vapour 

density of a gas? 

(b) Define the terms relative atomic weight and 

relative molecular weight. Why are they called 

relative weights? 

How is atomicity related to molecular weight 

and atomic weight of an element? Give one 

example to show the relationship, 

Define gram-molar Volume, mole of atoms and 

mole of molecules. How will you. find the 

number of moles of carbon dioxide molecules 
in 22 g of the gas? 

- 400 cm® of a given mass of gas has a pressure of 
500 mm of mercury. What will be the volume if the 
Pressure of the gas is changed to 1 atmosphere, 
keeping the temperature constant? 

(Ans. =263.16 cm) 
of a gas at 1 atmosphere pressure is 
allowed to expand to 1600 cm®, keeping the tem- 
perature constant. What will be its new pressure 
in cm of mercury? (Ans.=71.25 cm ) 


Y 


« (a 


(b) 
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11. 


12. 


13. 


14, 


15. 


16. 
17. 


18, 


19, 


- A given mass of a gas has a volume of 200 cm® at 
67°C. What will be its volume at 300 K, keeping 
the pressure constant? (Ans.=176.4 cm*) 
600 cm! of a gas are at a temperature of 27°C. If 
the volume is reduced to 300 cm’, what will be its 
new temperature, provided its pressure is kept con- 
stant? (Ans.= — 123°C) 
A given mass of a gas has a voiume of 450cm* at 
71 cm pressure and 87°C, Calculate the volume it 
will occupy at STP, (Ans.=318.8 cm’) 
A given mass of a gas has a volume of 200 cm® at 
200 K and 350 mm of mercury, What will be its 
Pressure if the volume becomes 150 cm? at 23°C? 
(Ans, = 690.7 mm) 
A cylinder cannot withstand pressure above 4,5 
atmospheres. If it is filled with air at STP and 
heated, calculate the temperature at which it will 
burst, assuming that the volume of the cylinder 
does not change. (Ans. =955°C) 
A given mass of a gas has a volume of 500 cm? 
at 75cm of mercury and 27°C, What will be its 
temperature if the pressure of the gas becomes 1 
atmosphere and its volume is reduced to 400 cm*? 


(Ans. =—29,8°C) 
What volume at STP would 16 g of oxygen Occupy? 
(Ans. =11.2 dm*) 
What volume at STP would 102 g of ammonia 
occupy? (Ans. =134.4 dm) 
8 gof a gas Occupies 81.3 dm* at —13°C and 


800 mm of mercury. Calculate its molecular weight. 


(Ans, =2) 
(a) How many moles of ammonia are present in 
8.5 g of the gas? (Ans. =0.5 moles) 


Qe 


20. 


ai; 


2a: 


24. 


25; 


26. 


27. 


28. 


29. 


30. 


(b) How many moles are present in 7.2g of 

magnesium? (Ans, =0.3 moles) 

(a) Calculate the volume of oxygen which will 

burn 20 cm? of ethane (C,H) gas, all volumes 

being measured at the same temperature and 

pressure. (Ans. =70.cm?) 

(b) A mixture of 20 cm! of carbon moncxide and 

10 cm® of nitrogen is mixed with 20 cm® of 

oxygen and exploded. The resuitant gases are 

cooled to the original temperature at the origi- 

nal pressure. What will be the composition of 

the gases left? (Ans. N2=10 cm*; O.= 10 cm* 

CO,= 20.cm*) 

5.6 litres of a gas weighs 7 gat STP. Calculate: its 

molecular weight. If its atomic weight is 14, what 
is its atomicity? 

(Ans. molecular weight=28; atomicity=2) 


. 225 cm? of a gas at STP weighs 0.23 g. Calculate 


its molecular weight. (Ans, =22.9) 

90 cm? of a moist gas is measured at 19°C and 

659 mm. atmospheric pressure. Find the volume of 

dry nitrogen at STP. The water vapour pressure at 

19°C=13 mm. (Ans. =71.5 cm*) 

Note: The pressure of gas=atmospheric pressure 

—pressure of water vapour. 

A gas occupies V cm® at STP. At what temperature 

will it occupy half its original volume, pressure 

remaining constant? (Ans. = —136,.5°C) 

(a) Define empirical and molecular formulae. 

(b) Give two examples to show that the same 
compounds have different empirical and mole- 
cular formulae. 

Calculate the percentage by weight of hydrogen in 

ammonium carbonate. (Ans. =8.33%) 

Calculate the percentage by weight of water of 

crystallisation in hydrated iron (II) sulphate, 


FeSOQ,-7H,0. (Ans. =45.3%) 


Calculate the percentage by weight of oxygen in 
Cu(NO;)2-3H;0. (Ans, =59.5%) 
Ammonium nitrate and ammonium sulphate are 
used as fertilisers. Which contains a higher percent- 
age of nitrogen? (Ans. NH,NOs has 35%; 
(NH,).SOx has 21.2%) 
Calculate the empirical formula of the compound 
which contains 90.7% of lead and 9.3% of oxygen. 
(Ans. Pb3O4) 


3k. 


33. 


Calculate the empirical formula of the compound 
which has the following composition: Na=14.3%, 
$=10.0%, O=19.9% and H,O=55.9%. 

(Ans, Na:SO,:10H,0) 


. An oxide of a metal X, whose atomic weight was 


65, was reduced by carbon to metal. 3.24 g of the 
metallic oxide gave 2,60 g of the metal. Calculate 
the empirical formula of the compound. 

(Ans, =XO) 
Calculate the molecular formula of the compound 
which has the following composition:C=40%, 


“H=6.7%, 0=53.3%. The vapour density of the com- 


34, 


35. 


36. 


37. 


38. 


39. 
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is 30. Ans. C,H,O; 


/ 9.84 g of hydrated magnesium sulphate crystals 


when heated left a residue of 4.80 g of anhydrous 
magnesium sulphate. If the formula of the crystal 
is MgSO,-xH.,0, calculate the value of x. 
(Ans. =7) 
What volume of hydrogen sulphide. at STP. is 
required to precipitate 3.2 g of copper sulphide 
from a solution of copper (IE) sulphate? The equa- 
tion for the reaction is 
CuSO,-++-H.S — CuS+H;SO, 
(Ans. =90.750 dm?) 
Animpure sample of aluminium weighing 0.5 g 
when treated with excess of concentrated hydro- 
chloric acid gave 480 cm* of hydrogen at 20°C and 
765 mm of mercury. Calculate the percentage purity 
of aluminium. (Ans. =72.32%) 
6.62 g of crystals of lead nitrate are heated when, a 
yellow residue of lead monoxide is left. Calculate 
the mass of the yellow residue left and also the 
volume in cm® of nitrogen dioxide left at 27°C and 
760 mm of mercury. The equation for the reaction 
is 2Pb(NO;). — 2Pb0+4NO,+O2 
(Ans, PbO=4.46 g; NO.=984.6 cm*) 
When a given mass of ammonium chloride is re- 
acted with excess of sodium hydroxide solution, 
1.12 litres of ammonia at STP are formed. Cal- 
culate the weight of sodium chloride formed in 
the reaction. What weight of ammonium chloride 
must have reacted to liberate 1.12 litres of am- 
monia? (Ans. NaCl=2.925 g; NH,CI=2.675 g) 
What weight of chlorine will react with 28g of 
iron? Also find the weight of iron (III) chloride 
formed. (Ans. Cl,=53.24 g; FeCls=81.24 g) 
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Electrolysis 


10.1 Conduction of Electricity 
through Elements 


You have studied earlier that electricity passes 
readily through metallic elements. Copper and 
aluminium cables are used to bring electricity 
to our houses. They get heated up by the pass- 
age of electricity through them but they do not 
undergo any chemical change. They are called 
conductors. Metals contain mobile electrons 
which are responsible for conduction of electri- 
city. 

Non-metallic elements such as sulphur and 
carbon (except graphite) do not conduct electri- 
city and are called non-conductors. 


10.2 Conduction of Electricity 
through Compounds 


Experiment 1: Connect two platinum wires to 
a 6-volt battery, with an ammeter reading up 
to 2 amperes in series (Fig. 10.1). Take distilled 
water in a beaker and dip the wires for a 
moment into it. Observe if the ammeter records 
any current in the circuit. Repeat the experi- 
ment taking the following liquids separately in 
beakers: (a) alcohol, (b) dilute hydrochloric acid, 
(c) dilute sulphuric acid, (d) sugar solution in 
water, (e) sodium chloride Solution in water. 
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6 volt battery 
+ 


Water or 
some liquid 


FIG, 19.1. Conduction of electricity through 
water and solutions. 


(f) copper sulphate solution in water, (g) sodium 
hydroxide solution in water. 

Remember to wash the platinum wires with 
distilled water after they have been dipped into 
One solution and before dipping into another 
solution. 

You will observe that distilled water, alcohol 
and sugar solution do not conduct eleciricity, 
whereas solutions of copper sulphate, sodium 
hydroxide, sodium chloride, dilute hydrochloric 
acid and dilute sulphuric acid do conduct 


electricity. You will also observe that in solutions 
which conduct electricity, some gas is evolved 
at the platinum wire, showing that a chemical 
change takes place. 


Experiment 2: Connect a steel rod to the nega~- 
tive terminal and a graphite rod to the positive 
terminal of a  6-volt battery as shown» in 
Fig. 10.2. Fill a crucible about two-thirds with 
solid lead bromide and dip the rods into it. 
There is no deflection in the ammeter, showing 
that no electrical current is flowing through 
solid lead bromide. 


6 volt battery 


FIG. 10.2. Flow of electric curent through lead 
bromide. 


Melt the solid lead bromide by heating it 
with a bunsen burner. The deflection in the 
ammeter shows the flow of electric current. 

Lead bromide is slightly soluble in water. If 
rods connected to the battery are dipped into a 
solution of lead bromide in water, the flow of 
electric current is shown by the deflection of 
the ammeter needle. 

You will observe that when electricity flows 
through molten lead bromide, red vapours of 
bromine are liberated around the carbon rod 
connected to the positive terminal and the metal 
lead is deposited on the steel rod connected to 
the negative terminal of the battery. This clearly 
indicates the chemical decomposition of the 
compound which conducts electricity. 


10.3 Electrolyte 2nd Electrolysis 


Compounds can be classified into two definite 
classes according to whether they do or do not 
conduct electricity. Compounds such as acids, 
bases and salts which conduct electricity are call- 
ed electrolytes and compounds such as petrol, 
urea, alcohol and sugar which do not conduct 
electricity either in the liquid state or when 
dissolved in water are called non-electrolytes. 
They contain only molecules and no ions. Sugar, 
alcohol, petrol and urea are examples of non- 
electrolytes. Water conducts electricity at a very 
high voltage because it contains very few ions. 

Thus electrolytes are compounds which conduct 
electricity, when in molten state or when dissolv- 
ed in water, and undergo chemical decomposition 
by the flow of electric current. Electrolytes con- 
tain ions which are responsible for the conduc- 
tion of electricity. The process of conduction of 
electricity through an electrolyte, which under- 
goes chemical decomposition by the flow of 
electricity, is called electrolysis. 

Electrolytes which are almost completely ion- 
ised are called strong electrolytes, e.g. salts, 
caustic alkalis and acids. Electrolytes which are 
feebly ionised, i.¢. they contain few ions and 
have large number of molecules are called weak 
electrolytes. Carbonic acid, acetic acid, hydro- 
gen sulphide and ammonium hydroxides are 
examples of weak electrolytes. Water is a very 
weak electrolyte because it contains very few 
hydrogen and hydroxyl (OH) ions. Thus weak 
electrolytes contain both ions and molecules. 

The metal or carbon (graphite) rods used in 
electrolysis are called electrodes. Electricity 
enters or leaves the electrolyte through the elec- 
trodes. The electrode connected to the positive 
terminal of the battery is called anode, by which 
the electrons leave the electrolyte, while the 
electrode connected to the negative terminal is 
called the cathode, by which electrons enter the 
electrolyte. 

The vessel in which electrolysis is carried out 
is known as a voltameter or coulometer. 
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cathode. Copper ions are discharged in pre- 
ference to hydrogen ions. An ion of copper gains 
two electrons from the cathode and changes into 
an atom of copper. The atoms of copper are 
deposited at the cathode and forma layer of 
pink coloured copper metal which gradually 
turns reddish-brown in colour. 


Cu?*+2e- > Cu 


At anode: Anode is the electrode which receives 
electrons from the ions or atoms and supplies 
them to the cathode. The nature of the electrode 
plays an important part in this electrolysis. The 
atoms of copper from the anode change into 
ions of copper which go into the solution and 
the electrons liberated in this change are taken 
up by the anode. 


Cu > Cu2++2e- 


We notice that for every copper ion dischar- 
ged at the cathode, an ion of copper is formed 
at the anode. Hence the number of copper ions 
in the solution remain the same after electrolysis 
has taken place for some time. There is therefore 
no change in the intensity of blue colour of the 
solution which is due to copper ions. 

Since atoms of copper are deposited at the 
cathode, the cathode becomes thicker. The 
atoms of copper from the anode change into 
ions of copper which go into the solution. Hence 
the anode become thinner, The net effect is, 
therefore, the transference of copper atoms frora 
anode to cathode. 

This electrolysis is the basis of purification of 
copper. A thin strip of pure Copper is made the 
cathode and a thick rod of impure copper the 
anode, both dipping in copper sulphate solution 
(Fig. 10.4).-A little sulphuric acid (1%) is added 
to copper sulphate solution to increase its con- 
ductivity. 

Impurities in the anode either dissolve in the 
electrolyte or are deposited as mud (called anode 
mud): below the anode. Silver and gold are 
Tecovered from the anode mud. The copper 
obtained by this method is 99.9% pure. 


FIG. 10.4, Purification of copper by electrolysis. 


3. Electrolysis of Lead Bromide 
The apparatus for the electrolysis of molten 
lead bromide has been described in Experiment 
2 of this chapter, 

Molten lead bromide contains only positively 
charged lead ions and negatively charged bro- 
mide ions, 


PbBrz2. -> Pb?++2Br- 
lead lead bromide 
bromide ion jon 


At cathode: Lead ions, being positively char- 
ged (cations), are discharged at the cathode. An 
ion of lead receives two elecrons from the 
cathode and changes into an atom of lead. 


Pb**++2e- + Pb 


The atoms of lead are deposited at the cathode 
and form a layer of grey coloured lead metal. 
The cathode thus gains in weight. 


At anode: Bromide ions, being negatively 
charged (anions), are discharged at the anode. 
An ion of bromide loses its only electron to the 
anode and becomes an atom of bromine. The 
atoms combine in pairs to form molecules of 
bromine, which escape as red vapours of 
bromine at the anode. 

Br-—e- > Br 
Br+Br — Brz 

This principle is applied in the extraction of 
metals such as sodium, calcium and Magnesium 
from molten sodium chloride, calcium chloride 
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and magnesium chloride Tespectively, using 
suitable elecrodes. 


10.6 Uses of Electrolysis 


1. Refining of Metals 


An example of this is obtaining pure copper from impure 
copper and has been described earlier. 


2. Commercial Preparation of Metals and 
Non-metals 


Metals such as sodium, aluminium and magnesium are 
extracted by the electrolysis of their molten compounds. 
The non-metals chlorine and hydrogen are obtained by 
the electrolysis of brine (sodium chloride solution). 


3. Electroplating 


Electroplating is the process of depositing a thin and 
compact film of a non-reactive metal on an article made of 
another metal. Silver and gold plating is done to make an 
article more attractive. Nickel and chromium plating is 
done on articles made of steel to check rusting. The article 
to be electroplated is made the cathode, and the metal to 
be electroplated the anode. The electrolyte is a solution of 
a salt of the metal to be deposited. For nickel plating the 
electrolyte is a solution of nickel ammonium sulphate and 
a nickel rod is made the anode. The object to be electro- 
plated by nickel is made the cathode. 

Figure 10.5 shows electroplating of silver. The electro- 
lyte is a solution of a complex salt of silver called potas- 
sium orsodium silver cyanide. The anode is made of silver 
and the article to be electroplated is connected to the 
negative terminal of a d.c. source. ‘ 

A dilute solution of the electrolyte, a clean surface of the 
article and a low current density give a rigid and uniform 
deposit of the metal. 

The reactions taking place at the two electrodes in 
electroplating an object by silver or nickel are based on the 
same principle as described in the electrolytic refining of 
copper. 

(a) Insilver plating the cathode is deposited by silver 

_ Obtained from silver ions present in solution. Silver atoms 
from the anode change into silver ions. 


At the cathode : Agt + e> — Ag 
At the anode : Ag - e& — Agt 


(b) Similarly, in nickel plating the reactions are as 
follows : 
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FIG. 10.5. Electroplating of silver. 


At the cathode : Nzt + 2e7 — Ni 
At the anode : Ni — 2e- — Ni? 


10.7 Formation of Metallic Ions 
and Electrochemical Series 


Positive metallic ions are formed by loss of electrons from 
the outermost sheil of the atoms of the metals. The greater 
the tendency of an atom of a metal to lose electrons, the 
greater will be its reactivity. Metallic elements can be 
arranged in such a way that the metal which loses elec- 
trons most readily is kept at the top and the metal which 
loses electrons least readily is kept at the bottom. This 
arrangement of metals is called the electrochemical ser- 
ies of metals (e.c.s.). Since hydrogen also forms a positive 
ion like metals, it is also included in this series. This series 
is almost identical with the reactivity series of metals. The 
only difference is in the position of sodium and calcium. 
In the electrochemical series calcium comes before 
sodium. Except for this difference, the higher the position 
of a metal in the electrochemical series, the greater is its 
reactivity. 


Electrochemical series of metals 


Potassium (positive ion formed most readily) 
Calcium 

Sodium 

Magnesium 

Aluminium 

Zinc 


(Hydrogen) 

Copper 

Mercury 

Silver 

Gold (positive ion formed least readily) 


The more reactive metals form more stable compounds; 


and hence it is difficult to obtain the metallic element from 
the compounds of more reactive metals. Highly reactive 
metals were therefore isolated much later. 


PROBLEMS 


1. (a) Define the terms electrolyte and electrolysis, 
(b) How do strong electrolytes differ from weak 
electrolytes? 


nN 


. Which of the following are strong and which are 
weak electrolytes? Name the ions and the mole- 
cules present, if any. 


‘a) Dilute hydrochloric acid. 

(b) Concentrated acetic acid. 

(c) Copper sulphate solution. 

(d) Ammonium hydroxide. 

(e) Water. 

(f) Sodium hydroxide: 

(g) Carbonic acid, 

Name the ions present in ammonium sulphate and 
iron (III) chloride solutions in water, 

4. Fill in the blanks in the following. 


(a) When electricity passes through solid sodium 


3. 


chloride, there is. - conduction of elec- 
tricity because. and jons are 
hot; 

(b) When electricity. passes through molten 
sodium chloride, the-. ions called. 
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are discharged at the negative plate called___., 
The———— ions called._—_——are dischar- 
ged at the positive plate called 


5. (a) Why does a solution of sodium chloride con- 
duct electricity but a solution of sugar does 
not? 


(b) How do conductors differ from electrolytes? 
6, What would you observe when 


(a) electricity is passed through dilute sulphuric 
acid using platinum electrodes. 

(b) electricity is passed through copper sulphate 
Solution using copper electrodes. 
Explain the changes observed. 


7. (a) How is pure copper obtained from impure 
copper? Explain the chemistry of reactions 
taking place. 

What would you observe when electricity is 
passed through molten lead bromide? 

Explain the reactions at the two electrodes. 
What is electroplating? How is nickel-plating 
done? 


(b) Give two other applications of electrolysis. 


(b) 


9. (a) 


11 


Carbon and Its Compounds 


11.1 Occurrence of Carbon 


The Earth is surrounded by an atmosphere which 
contains carbon dioxide, a compound of carbon. 
It is possible that the deposits of carbon com- 
pounds in the earth’s crust originally came from 
this carbon dioxide in the atmosphere. Plants 
take in carbon dioxide for the process called 
photosynthesis and form carbohydrates. These 
carbohydrates are taken in by animals who feed 
on plants, Upheavels in the earth’s crust in the 
form of earthquakes and volcanoes buried plants 
and animals and subjected them to great pres- 
sures and temperatures inside the earth’s crust. 
The decay of these under such conditions 
resulted in the formation of deposits of coal, 
oil and natural gas, which mainly consist of 
carbon and hydrocarbons. When the shells of 
sea animals were subjected to high temperatures 
and pressures, the carbonate minerals were 
formed. 

Diamond and graphite are two forms of pure 
carbon occurring in nature. 


11.2 Allotropy in Carbon 
If an element exists in more than one form in the 


same physical state, and each form has different 
physical properties but generally the same chemi- 


cal properties, then the different forms are called 
allotropes or polymorphs. The property by 
virtue of which elements exist as allotropes is 
called allotropy or polymorphism. 

When different allotropes of an element are 
burnt in oxygen, they produce different amounts 
of heat energy. Hence the different forms of an 
element have different energies. This is due to 
the difference in the arrangement of atoms of the 
element in the different allotropes. 

Carbon has two main crystalline allotropic 
forms—diamond and graphite. Other forms of 
carbon are usually called amorphous (non-crys- 
talline). 


Diamond 

Diamond is the hardest substance known, so it 
is commercially used for cutting glass and drill- 
ing rocks. When cut and polished, it has an 
amazing lustre and so it is used as a precious 
jewel. The lustre is due to its high refractive 
index of 2.4. Its density is 3.5 g/cm? andit is a 
poor conductor of heat and electricity. It burns 
in oxygen at about 800°C producing carbon 
dioxide. 

The crystals of diamond are octahedral 
(Fig. 11.1) and are colourless when pure. The 
colour in some diamond crystals is due to traces 
of metallic impurities. 

Each carbon atom in diamond is strongly 
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FIG. 11,1. Crystal of diamond, 


bonded to fdur other carbon atoms. This strong 
covalent bonding is the cause of its hardness, 
its resistance to chemical attack and its high 
density. 


Graphite 


Graphite consists of small flat dark grey hexa- 
gonal shiny crystals. It is soft and greasy to 
feel and hence it is used as a lubricant. One 
electron of each carbon atom in the crystals does 
not take part in the covalent bond formation 
and is mobile. Hence graphite, even though a 
non-metal, conducts electricity and is used in 
many electrolytic processes. Mixed with clay, it 
forms “black lead’ used in pencils. It is also 
used as a moderator in nuclear reactors. 

Graphite consists of several layers of carbon 
atoms, each one atom thick. Within each layer 
the carbon atoms are bound by strong covalent 
bonds. However, there is no covalent bonding 
between adjacent layers and these are held to- 
gether by weak binding forces (Fig. 11.2). The 
layers can, therefore, easily slip over one 
another. This is the reason for the softness 
and lubricating power of graphite. 

Graphite has a density of 2.3 g/cm}. It burns 
in oxygen at 700°C producing carbon dioxide. 


Amorphous Carbon 


The amorphous forms of carbon do not occur 
naturally and are not pure forms of carbon. 
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FIG. 11.2. Structure of graphite. 


Two of the amorphous forms are wood charcoal 
and animal charcoal. 


(a) Woop CuarcoaL 


It is prepared by heating wood in the absence 
of air. It is a light and porous substance which 
can absorb gases readily. It is used as a domes- 
tic fuel and in gas masks to absorb poisonous 


gases present in the air. It contains about 70% 
carbon. 


(b) ANIMAL OR Bone CHARCOAL 


It is made by heating bones in the absence of 
air. It contains only about 10% carbon: the 
rest is mainly calcium phosphate. It is used for 
decolourising substances, e.g. brown sugar is 
decolourised to form white sugar by animal 
charcoal. 


To Show that the Different Allotropes Consist 
of Carbon only 


To show that the different allotropes of carbon 
consist of carbon only, a weighed amount of pure 
carbon obtained from each form is burned in 
oxygen. Carbon dioxide is the only gas formed. 
This gas is absorbed in caustic soda solution and 
its weight is determined. The same weight of 
carbon from each allotrope is found to produce 
the same weight of carbon dioxide, showing 
that the allotropes are different forms of carbon 
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only. 1 g of each allotrope produces 3.67 g of 
carbon dioxide and no other product. 


C+02 > CO2 


CARBON MONOXIDE 


Carbon monoxide is formed by combustion of 
carbon or carbon. containing compounds in a 
limited supply of air. Air containing 0.57% by 
volume of carbon monoxide may cause death if 
inhaled for some time. Air containing 0.1% by 
volume of carbon monoxide is injurious to 
health. 


11.3 Laboratory Preparation of 
Carbon Monoxide 


1. From Formic Acid 

Slowly add concentrated sulphuric acid to 
sodium formate crystals or pure formic acid 
taken in a flat-bottomed flask. A vigorous 
reaction takes place at room temperature pro- 
ducing carbon monoxide gas which is collected 
by downward displacement of water (Fig. 11-3). 


Concentrated 
sulphuric acid 


Carbon monoxide 


Sodium 
formate or 
formic acid 


FIG. 11.3. Preparation of carbon monoxide from 
sodium formate or formic acid. 


Sodium formate when used, reacts with con- 
centrated sulphuric acid, a non-volatile acid, to 
give formic acid. 
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HCOONa + H2SO4 -- HCOOH + NaHSO« 


sodium conc, formic sodium 
formate sulphu- acid hydrogen 
Tic acid sulphate 


Concentrated sulphuric acid then acts asa 
dehydrating agent and removes the elements of 
water from the formic acid formed. 


conc. H,SO, 
HCOOH ———> CO + H20 
formic carbon removed-by 
acid mono- conc. sulphuric 
xide acid 


The reaction is exothermic and provides heat 
energy needed for the dehydration of formic 
acid. 


2. From Oxalic Acid 

Take a few crystals of oxalic acid in a round- 
bottomed flask and pour concentrated sulphuric 
acid down ’a thistle funnel (Fig. 11.4), Warm the 
mixture gently. Effervescence is observed and a 
mixture of carbon monoxide and carbon dioxide 
is produced. Concentrated sulphuric acid acts 
as a dehydrating agent and removes both the 
elements of water and the water of crystallisa- 
tion from oxalic acid. 


conc. sulphuric 


acid 
H2C204:2H20 —+> CO + CO2 +3H20 
oxalic acid carbon carbon 
crystals mono- dioxide 


xide 


Since a lot of carbon dioxide is produced, one 
or two wash bottles containing caustic potash 
solution (potassium hydroxide solution) are used 
to remove the gas. 


2KOH+CO2 - K2CO3+H20 
caustic potassium 
potash carbonate 


Carbon monoxide passes on and is collected 
by downward displacement of water in which it 
is insoluble. 


Note: Lime water, caustic soda solution and 
caustic potash solution, all absorb carbon dioxide. 


Oxalic acid 
crystais and 
sulphuric acid 


Carbon monoxide 


Potassium hydroxide 
solution 


FIG. 11.4. Preparation of carvon monoxide by oxalic acid. 


Since only a dilute solution of calcium hydro- 
xide can be obtained, because of its low solubi- 
lity, lime water is not used to absorb carbon di- 
oxide gas. Both caustic soda and caustic potash 
are very soluble in water and hence their con- 
centrated solutions can be obtained which are 
very effective in absorbing carbon dioxide. Solu- 
tions of sodium carbonate and potassium car- 
bonate are also more effective for absorbing 
carbon dioxide as these are also more soluble 
in water than calcium hydroxide. 


3. From Carbon Dioxide 


When carbon dioxide is passed over red hot 
charcoal (about 1000°C) taken in a combustiun 
tube, carbon dioxide is reduced by carbon to 
give carbon monoxide (Fig. 11.5). 


CO2+C — 2CO 


Any unchanged carbon dioxide, which is mixed 
with carbon monoxide, can be removed by 
potassium hydroxide solution taken in a wash 
bottle. Carbon monoxide is collected over water. 


11.4 Properties of Carbon Monoxide 


Physical Properties 

1. It is a colourless, odourless gas insoluble 
in water. 

2. Since its molecular weight is 28, its density 
is nearly the same as that of air. 

3. It is a neutral oxide. 


Chemical Properties 

1. It burns with a blue flame forming carbon 
dioxide gas which will turn lime water milky. 
This reaction is a test for carbon monoxide and 
a method of changing carbon monoxide to carbon 
dioxide. 


2CO + O2 > 2CO2 


carbon carbon 
mono- dioxide 
xide 


2. It is a good reducing agent. When passed 
over heated oxides of less reactive metals, the 
oxides are reduced to metals by loss of oxygen 
Black copper (II) oxide when heated reacts with 
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Carbon dioxide 
_—S 


Potassium hydroxide 


Beehive shelf 


solution 


FIG. 11.5. Preparation of carbon monoxide from carbon dioxide. 


carbon monoxide to give the reddish-brown 
copper metal. 


CuO + CO > Cu+CO2 
copper (IL) 
oxide 


Similarly the yellow lead monoxide is reduced 
to give the grey coloured lead metal 


PbO + CO — Pb + CO2 
lead (11) 
oxide 


3. Carbon monoxide is very poisonous. It is 
particularly more dangerous because it is odour- 
less and cannot be detected by smell. Oxygen 
of the inhaled air combines with haemoglobin 
in the blood to form oxy-haemoglobin which 
readily gives oxygen to the body tissues. When 
carbon monoxide is inhaled, it prevents the 


. oxygen from combining with haemoglobin and 


carboxy-haemoglobin is formed instead. This 
causes oxygen starvation in the body tissues and 
eventually causes death by suffocation (asphy- 
xia). Even 0.5% of carbon monoxide in air 
is enough to cause death. Artificial. respiration 
in open air is the first aid treatment given for 
carbon monoxide poisoning. 

Exhaust fumes of motor cars, gases produced 
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from coal fire in a closed room and coal gas, 
all contain carbon monoxide which is the cause 
of their poisonous nature. 


11.5 Uses of Carbon Monoxide 


1. Itis used asa fuel and is present in gaseous 
fuels such as water gas and producer gas. 

2. It is used in the extraction of metals such 
as nickel by forming carbonyl, an addition 
compound of carbon monoxide and a metal. 

3. It is used as a reducing agent in. the 
extraction of metals. 


CARBON DIOXIDE 
Carbon dioxide is present in the atmosphere to 


the extent of about 0.03% by volume. 


11.6 Laboratory Preparation of 
Carbon Dioxide 


Marble is a pure form of calcium carbonate 
found in nature. Take a few pieces of marble 
chips in a flat-bottomed flask and add dilute 


hydrochloric acid through a thistle funnel. A 


stearly reaction takes place and carbon dioxide 
gas is given off with effervescence. The gas is 
moderately soluble in cold water (1 cm? gas in 


1 cm? water) and can be collected over warm 
water (Fig. 11.6). . 


FIG. 11.6. Preparation of carbon dioxide from marble 
(calcium carbonate), 


The reaction can be Tepresented by the follow- 
ing equation. 
CaCO; + 2HC] > CaChk +H20+CO, 


marble dilute calcium 
hydrochloric chloride 
acid 


Since the gas is collected by downward dis- 
placement of water, it contains water vapour as 
an impurity. Some hydrogen. chloride gas also 
€scapes out from dilute hydrochloric acid and is 
mixed with the carbon dioxide gas. 


Dilute hydrochloric 
acid 


To get a pure and dry specimen of the gas» 
pass it through a wash bottle containing potas- 
sium hydrogen carbonate solution (to remove 
hydrogen chloride gas) and through a U-tube 
containing anhydrous calcium chloride (to dry 
the gas). Collect the gas by upward displacement 
of air (Fig. 11.7). 

Dilute acids react with carbonates of metals 
to give a salt, water and carbon dioxide. Dilute 
sulphuric acid will also react with marble to 
give calcium sulphate, water and carbon dioxide. 
But this acid cannot be used in place of dilute 
hydrochloric acid in the laboratory preparation 
of the gas. Calcium sulphate formed in the 
Teaction is insoluble in water and covers the 
marble chips. The contact between dilute sul- 
phuric acid and marble chips is therefore lost. 
Hence the evolution of carbon dioxide stops 
after some time. 


CaCO3 + HoSO, —= CaSO, +H20+CO2 


marble dilute calcium 
sulphuric sulphate 
acid (insoluble) 


11.7 Properties of Carbon Dioxide 


Physical Properties 

1. It is a colourless and odourless gas and 
does not support combustion. It extinguishes a 
burning splint. 


Carbon dioxide 


FIG. 11.7. Preparation of pure and dry ‘carbon dioxide from marble (calcium carbonate). 
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2. It dissolves in its own volume of water at 
room temperature and pressure. When the pres- 
sure of the gas is increased it is more soluble 
and this principle is utilised in the manufacture 
of soda water and other aerated drinks. 

3. Since its molecular weight is 44, it is 
heavier than air. 


Chemical Properties 

1. When carbon dioxide dissolves in water, it 
forms a weak and unstable acid called carbonic 
acid. It is, therefore, an acid anhydride of 
carbonic acid. 

CO2+H20 = H2CO3 
carbonic acid 

Carbonic acid will slowly turn blue litmus 
wine-red. 

2. Carbon dioxide is decomposed by burning 
magnesium which burns for a short time pro- 
ducing black particles of carbon and white 
powder of magnesium oxide. 

2Mg+COz2 > 2MgO + C 
magnesium carbon 
oxide 

This reaction shows. that carbon dioxide con- 
tains carbon and oxygen. 

3. When carbon dioxide is bubbled through 
lime water, the lime water turns milky due to 
the formation of small particles of white insolu- 
ble calcium carbonate in suspension. 


Ca(OH)2 + CO2 > CaCOz; + H20 
lime water calcium 
carbonate 


If more of carbon dioxide is bubbled through 
the white suspension, the milkiness disappears 
due to the formation of calcium hydrogen car- 
bonate which is soluble in water and forms a 
colourless solution. 

CaCO3+H20+CO2 > Ca(HCOs)z 
calcium hydrogen 
carbonate 

4, Carbon dioxide reacts with other alkalis, 
such as sodium hydroxide or potassium hy- 
droxide in a’ similar way. Sodium hydroxide 


solution reacts to form sodium carbonate which 
is soluble in water and hence formsa colourless 
solution. 


2NaOH + CO2z2 — Na2CO3 +H20 
sodium sodium 
hydroxide carbonate 


If more of carbon dioxide is bubbled through 
the sodium carbonate solution, then sodium 
hydrogen carbonate is formed. 


Na2zCO3+H20+CO2 > 2NaHCO3 
sodium hydrogen 
carbonate 


If a concentrated solution of sodium hydro- 
xide is taken, a white precipitate of sodium 
hydrogen carbonate is formed because this com- 
pound is not very soluble in water. Potassium 
carbonate and potassium hydrogen carbonate 
are both very soluble in water and form 
colourless solutions. Hence potassium hydroxide 
solution is used for absorbing carbon dioxide. 

5. Carbon dioxide of the air is used by 
plants to produce carbohydrates. In the presence 
of chlorophyll (which acts as a catalyst) in the 
leaves of the plants, and sunlight (which provides 
energy for the reaction) carbon dioxide reacts 
with water taken in by the roots of a plant to 
form carbohydrates, e.g. glucose. The reaction 
is called photosynthesis. 


(sunlight) 
6CO2+6H20 +>  Ce6Hi206+602 
(chlorophyll) . glucose 


11.8 Uses of Carbon Dioxide 


1. Carbon dioxide is used in aerated drinks, 
such as soda water and lemonade. The gas is dis- 
solved in water at several atmospheres pressure. 
When the bottle is opened.the pressure is re- 
leased and the gas is liberated because. its 
solubility decreases at the lower pressure of the 
atmosphere. 


2. Carbon dioxide «is easily liquefied under 
65 atmospheres at 20°C _ If liquid carbon 
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dioxide is allowed to evaporate, the temperature 
falls to — 78°C when solid carbon dioxide, called 
dry ice is formed. Solid carbon dioxide sub- 
limes directly to gaseous state. It leaves no liquid 
residue and is therefore very useful asa refri- 
gerating agent. It gives a temperature of — 40°C 
and is a good refrigerating agent for perishable 
articles such as meat and fish. It is used in 
stores, trucks and freight cars for transporting 
foodstuffs. 


3. Soda-acid fire extinguisher: The container 
of this extinguisher is filled with a saturated 
solution of sodium hydrogen carbonate. A glass 
bottle containing concentrated sulphuric acid is 
kept inside the container (Fig. 11.8). 


Concentrated 
sulphuric acid 
in bottle 


Saturated 
solution of 
sodium bicarbonate 


FIG, 11.8, Soda-acid fire extinguisher, 


When the knob of the extinguisher is pressed, 
the acid bottle breaks and the acid comes in 
contact with the sodium hydrogen carbonate 
solution forming carbon dioxide. 


2NaHCO3 + H2SO4 > Na2SO4-+2H20 


sodium sulphuric sodium 
hydrogen acid sulphate 
carbonate +2CO2 


The carbon dioxide liberated forces a stream 
of liquid out of the jet. The gas forms a blanket 
around the fire and cuts off the supply of air to 


the burning article. The liquid coming out cools 
the burning article and extinguishes the fire. 

This extinguisher is, however, not safe to put 
out fire caused by electrical faults because the 
sodium sulphate solution would conduct electri- 
city and may cause serious accidents. Fire ex- 
tinguishers containing liquid carbon dioxide are 
safer for this purpose. When directed on to a 
fire, the liquid carbon dioxide, due to sudden 
expansion, cools to forma blanket of dry ice 
which sublimes to carbon dioxide gas around 
the fire. This cools the burning material and 
also cuts off the supply of air. 


4. Cakes and bread swell up on being baked 
because of carbon dioxide produced from bak- 
ing powder, a mixture of sodium hydrogen 
carbonate (baking soda) and a weak crystalline 
acid, e.g. tartaric acid. 


5. Ammonia gas combines with carbon 
dioxide at high pressure to give urea, an im- 
portant fertiliser, 


11.9 Tests for Carbon Dioxide 


1. It is a colourless and odourless gas. It ext- 
inguishes a burning splint. - 

2. The gas turns lime water milky due to the 
formation of a suspension of white insoluble 
calcium carbonate particles. 


CO2 + Ca(OH)2 +> CaCO; + H20 
lime water calcium 
carbonate 


11.10 Carbon Dioxide or Carbon Cycle 


Carbon dioxide is constantly produced by com- 
bustion of fuels and by respiration of animals 
and plants. The amount of carbon dioxide in 
air, however, does not increase, This is because 
during photosynthesis, carbon dioxide is taken 
in by plants and oxygen is given out. Carbon 
dioxide is also removed from the air by its 
dissolving in rain water and in sea water. 

The addition of carbon dioxide in the atmos- 
phere and the removal of carbon dioxide from 
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the atmosphere balance each other. Hence, the 
amount of carbon dioxide and oxygen are kept 
constant by this cycle. 


11.11 Comparison between Carbon 
Monoxide and Carbon Dioxide 


1. The density of carbon monoxide is nearly 
the same as that of air. Hence it cannot be 
collected by displacement of air. Carbon dioxide 
is much heavier than air and can be collected 
by upward displacement of air. 

2. Carbon monoxide is insoluble in water and 
is a neutral oxide, whereas carbon dioxide is 
fairly soluble in water and forms carbonic acid. 
Hence it is an acidic oxide. 

3. Carbon monoxide is a combustible gas and 
burns with a blue flame forming carbon dioxide. 


2CO +02 — 2CO2 


Carbon dioxide is not combustible. 

4. Carbon monoxide has no action on. lime 
water whereas carbon dioxide turns lime water 
milky due to the formation of a white suspen- 
sion of particles of calcium carbonate. 

5. Carbon monoxide is a poisonous gas 
whereas carbon dioxide is not. 

6. Carbon monoxide reduces heated oxides 
of less reactive metals, e.g. 


Cu0+CO — Cu+CO2 


Carbon dioxide is not a reducing agent. 

7. Carbon monoxide combines with metals 
such as nickel on slight heating forming a car- 
bonyl which decomposes at higher temperatures 
to give back the metal. No such reaction takes 
place when carbon dioxide comes in contact 
with heated metals. 

8. Carbon monoxide is not absorbed by 
caustic alkalis like carbon dioxide. 


11.12 Carbonates 


Carbonates are salts derived from carbonic acid. 
Carbonates of sodium, potassium and ammo- 


nium are soluble in water, the others being 
insoluble in water. On heating, metallic car- 
bonates, except those of sodium and potassium, 
decompose to give carbon dioxide. 


Tests for Carbonates 

1. Most of the carbonates on strong heating 
give out carbon dioxide, a colourless and odour- 
less gas which turns lime water milky. 

2. Add dilute hydrochloric acid or dilute 
nitric acid toa carbonate. There will be efferye- 
scence producing carbon dioxide gas which 
would turn lime water milky. The carbonate ion 
from the compound will react with the hydrogen 
ions of the acid to give carbon dioxide and water. 


CO} +2H*+ -> H20+CO2 


11.13 Lime 


The most common carbonate found in nature 
is calcium carbonate. It is found as chalk, lime- 
stone and marble. All three have the same 
chemical composition. They differ in their hard- 
ness; chalk is very soft, marble is very hard, 
and limestone is intermediate in hardness. 

Heat strongly some powdered chalk or lime- 
stone in a hard glass test tube. Carbon dioxide 
gas is liberated which turns lime water milky. 
Calcium carbonate in any form will produce 
calcium oxide and carbon dioxide on strong 
heating. 


CaCO3 + CaO + COz 
calcium calcium carbon 
carbonate oxide dioxide 


If a piece of limestone, taken in a pair of 
tongs, is strongly heated in a bunsen flame, the 
calcium oxide formed begins to give a white 
glow, called lime light. 

Calcium oxide is also called quicklime. If to 
a piece of quicklime a few drops of water are 
added, the solid crumbles to powder, swells up 
to almost four times its original volume and 
becomes very hot. You would also observe 
steam coming out with a hissing sound. Thus 
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the reaction of calcimu oxide with water is 
highly exothermic. The powder formed is calcium 
hydroxide and is also called slaked lime. 
CaO +H20 > Ca(OH)2 
quick- slaked 
lime lime 
Take a small amount ot slaked lime in a test 
tube. Add about half a test tube full of distilled 
water, shake well and filter. The filtrate is a 
solution of calcium hydroxide in water and 
would turn red litmus blue. Slaked lime is not 
very soluble in water and a saturated solution 
of the compound is a dilute alkali called lime 
water. Thus both slaked lime and lime water are 
chemically the same substance. The former is 
solid calcium hydroxide and the latter is a satu- 
rated solution of calcium hydroxide in water. 
A suspension of slaked lime in water is called 
milk of lime. 


Uses of Lime 

Large quantities of quicklime and slaked lime 
are prepared by strongly heating limestone or 
chalk in lime-kilns (Fig. 11.9). The heating pro- 
duces quicklime which is then converted to 
slaked lime by treatment with water. 


Limestone 
and coal 


FIG. 11.9. Manufacture of quicklime in a lime-kiln. 


1. The soft paste made by mixing slaked lime, 
sand and water is called lime mortar and is used 
for holding bricks together in building structures. 

2. A thick suspension of slaked lime in water 
is used for white washing buildings. 


Both the above uses are based on the fact 
that calcium hydroxide combines with carbon 
dioxide of the air to form a hard layer of 
calcium carbonate. 

3. Slaked lime is used in agriculture tor re- 
moving the acidity of the soil and for bette: 
drainage through clay soils. 

4. Slaked lime is used in the manufacture of 
bleaching powder. 

5. Cement is made by mixing limestone and 
clay. A finely powdered mixture of the two is 
mixed with water to form a sludge or slurry 
which is heated at about 1500°C in a long rotary 
kiln. The resulting substance is called cement or 
portland cement. When mixed with water, it 
sets into a hard mass. Cement when mixed with 
gravel and sand is called concrete and when 
steel rods are embedded into concrete, it is 
called reinforced concrete. 

6. Limestone is used in the manufacture of 
sodium carbonate by Solvay’s process and in 
the extraction of iron. 

7. Limestone when heated with sodium: carbo- 
nate and sand produces glass. 


HARD AND SOFT WATER 


11.14 Action of Water on some Rocks 
and Minerals 


1. Calcium carbonate occurs in nature as 
limestone and chalk which are porous to water. 
During rainfall the carbon dioxide present in 
air dissolves in water to form a ‘solution of 
carbonic acid. This reacts with the limestone or 
chalk present in rocks forming a solution of 
calcium hydrogen carbonate. Hence, water col- 
lected from places which have limestone or 
chalk deposits contains dissolved calcium 
hydrogen carbonate. The reaction can be written 
as follows. 


CaCO3 + H2CO3 > Ca(HCOs)2 


limestone carbonic calcium 
or acid hydrogen 
chalk carbonate 
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Rocks containing magnesium carbonate form 
magnesium hydrogen carbonate. 


MgCOs3 + H2CO3 > Mg{HCOs)2 


magnesium carbonic magnesium 
carbonate acid hydrogen 
carbonate 


2. Rain water seeping through the soil also 
dissolves small quantities of various minerals. 
If this water comes in contact with gypsum, 
some of the mineral will dissolve because 
calcium sulphate, present in it, is slightly soluble 
in water. 

3. Other soluble compounds of calcium and 
magnesium present in the rocks and minerals 
will also dissolve in water. 


11.15 Hard and Soft Water 


You must. have experienced that sometimes 
water requires a lot of soap before lather is 
formed. Such water, usually from a spring or 
a well, which does not lather easily with soap, is 
said to be hard water. The calcium and magne- 
sium salts dissolved in water cause hardness. 
Distilled or rain water, which lathers readily 
with soap, is said to be soft water. If calcium 
and magnesium salts are not dissolved in water, 
the sample of water is soft water. 

There are two types of hardness in water. 

Temporary hardness, which can be removed by 
boiling, is due mainly to. the presence of calcium 
or magnesium hydrogen carbonate. 

Permanent hardness, which cannot be removed 
by boiling, is due mainly to the presence of cal- 
cium or magnesium sulphate. 

If chlorides and nitrates of calcium or mag- 
nesium are present in water, they will also cause 
permanent hardness in water. 


Soap and Its Action on Hard Water 

Soap ‘ prepared by heating vegetable oil or 
animal fat with sodium hydroxide solution. The 
reaction liberates soap along with glycerine (a 
viscous liquid used by doctors). 
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soap 


Fat or oil + sodium hydroxide > 
‘ + glycerine 


Sodium chloride is added to assist in the 
separation of soap which, on cooling, forms a 
hard solid on the surface of the liquid. It is 
separated, purified and cast into cakes. 

Soap is, therefore, the sodium salt of a com- 
plex acid such as stearic acid. Common soap is 
sodium stearate. 

Sodium stearate has the formula C17H3s 
COONa. The sodium (Na*) is the positive ion 
and the stearate (C17H3s COO), is the negative 
ion. The latter is often written as St for con- 
venience. The formula of sodium stearate is 
therefore written as NaSt. 

When a sample of hard water reacts with 
soap, the soluble calcium ‘and magnesium salts 
react to form precipitates of white insoluble 
calcium and magnesium stearates. When water 
has temporary hardness, the reactions may be 
written as follows. 


2NaSt + Ca(HCOs)2 > Ca(St)2 + 2NaHCOs 


sodium calcium calcium sodium 
stearate hydrogen stearate hydrogen 
carbonate carbonate 
2NaSt + Mg(HCOs)2 > Mg(St)2 + 2NaHCO3 
sodium magnesium magoesium sodium 
stearate hydrogen stearate hydrogen 
carbonate carbonate 


In case of permanent hardness in water, the 
reactions with soap are as follows. 
2NaSt + CaSO4 > Ca(St)2 + NazSO4 


soap calcium —_ calcium sodium 
sulpha'e stearate sulphate 


2NaSt + MgSO«s — Mg(St)2 + Na2SO4 
soap magnesium magnesium sodium 
sulphate stearate sulphate 
Chlorides and nitrates of calcium and mag- 
nesium will give similar reactions and form 
white precipitates of calcium and magnesium 
stearates respectively. 
No lather is formed until all the calcium and 
magnesium salts have been acted upon by soap. 
Hence a large amount of soap is wasted in 


removing calcium and magnesium salts present 
in hard water. 

Synthetic detergents, such as Surf and Det, 
are mote soluble in water and are not affected 
by hard water. Calcium and magnesium salts of 
detergents are soluble in water. The detergents 
are prepared by treating organic compounds 
called alkenes with concentrated sulphuric acid. 


11.16 Methods of Removing Hardness 
in Water 


(a) Temporary Hardness 


1. By boiling: When water containing calcium 
hydrogen carbonate is boiled, insoluble calcium 
carbonate is formed which can be removed by 
filtration or decantation. The decomposition 
takes place as follows. 

Ca(HCOs)2 > CaCO3+H20 + CO2 
calcium 
carbonate 

If magnesium hydrogen carbonate is present, 
it will change and form a precipitate of magne- 
sium carbonate. 


Mg(HCOs)2->MgCO3+H20 + CO2 
magnesium 
carbonate 


2. Clark’s process: By adding just enough 
amount of slaked lime, all the hydrogen carbo- 
nate changes to insoluble carbonate which can 
be removed by filtration or decantation. It 
should be remembered that any excess of slaked 
lime will cause permanent hardness by dissolv- 
ing calcium hydroxide. 


Ca(HCOs)2 + Ca(OH)2 -» 2CaCO3+2H20 


slaked lime 
Mg(HCOs)2 + Ca(OH)2 >MgCO3+ CaCO; 
slaked +2H20 
lime 


The second method is cheaper and is, there- 
fore, preferred to the first for removing tempo- 
rary hardness. 


(b) Both Permanent and Tempcrary Hardness 


1. Sodium carbonate, i.e. washing soda, 
reacts with both hydrogen carbonates and 
sulphates, forming insoluble carbonates of the 
metals which can be removed by filtration or 
decantation, 

Ca(HCO3)2+ Na2CO3 > CaCO3+2NaHCOs 
washing 
soda 
Mg(HCO3)2+- Na2CO3 > MgCO;+2NaHCO; 
CaSO4 + Na2CO3 > CaCO; + Na2SO4 
MgSO, + NazCO3 > MgCO3 + Na2SO4 


Water is softened for domestic use by this 
method. 

Sodium salts present in water do not cause 
hardness becuse they do not react with soap. 


2. Permutit or ion exchange method: For 
large scale industrial softening of water this 
method is more suitable. Permutit, a mineral 
belonging to the zeolite family, is an insoluble 
complex compound of sodium. It is hydrated 
sodium aluminium silicate and has the formula 
NazAl2Si203:xH20. The formula can be written 
as Na2P with P representing Al2Si2Os -xH20. 

The positively charged sodium ions (Nat) are 
small and mobile, whereas the negatively charged 
ions, [Al2SizOg-xH20] ?, are large and immobile. 

When hard water is passed through a layer of 
permutit, the calcium and magnesium ions 
present in hard water get attached to the nega- 
tive ions of permutit by displacing the sodium 
ions. The water, after this treatment, becomes 


free from calcium and magnesium ions 
(Fig. 11.10). 
Ca(HCOs3)2 + Na2P + CaP + 2NaHCO; 


permutit 
Mg(HCO3)2+ Na2P > MgP + 2NaHCO; 
CaSO4 + Naz2P > CaP + Na2SOz 
MgSO4 + Na2P ~ MgP + Na2SO4 
After some time all the sodium ions of per- 
mutit are replaced by calcium and magnesium 
ions of hard water and the permutit becomes 
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Soft water 


FIG, 11.10. Removal of hardness of water by 
permutit. 


unfit for changing hard water into soft water. 
It is then regenerated by adding to it a concen- 
trated solution of sodium chloride. 

CaP + 2NaCl > CaCl2 + Na2P 

MgP + 2NaCl > MgCl + Na2P 


Caleium chloride and magnesium chloride 
are washed away with distilled water. 

Hardness in water can be removed by distil- 
lation, which will remove all dissolved solids, 
and also by treatment with soap solution. 
However, these are expensive methods and are 
not applied in practice. 


11.17 Disadvantages of Hard Water 


1. When hard water is used in boilers, ‘scale’ 
or ‘fur’, which is a white deposit of insoluble 
calcium and magnesium salts, gets deposited in 
the boiler tubes. As the scale increases in thick- 
ness, it blocks the pipes. The deposit, being a 
non-conductor of heat, also causes heat to be 
wasted. The walls of the boiler pipes get heated 
to a higher temperature than normal. This 
causes the pipes to become weak and they 
finally burst due to over heating and high pres- 
sure of steam. 

2. Hard water is a nuisance 
to wash clothes at home or in 


while using soap 
laundries as it 


leads to wastage of soap due to the formation 
of insoluble calcium and magnesium stearates. 
These compounds stick to the fibres of clothes. 
3. Clothes washed in hard water do not take 
dyes uniformly and produce different shades. 


41.18 Advantages of Hard Water 


1. Calcium salts present in hard water help 
in the formation of bones and teeth and also 
give a better taste to water. 

2. Soft water containing air, dissolves some 
lead and forms the slightly soluble lead hydro- 
xide which is a poisonous substance. Thus there 
is a danger of lead poisoning in soft water if it 
is taken through lead pipes 

2Pb + 2H20 + O2 > 2Pb(OH)2 


When hard water is taken through lead pipes, 
the inner walls of the pipes get coated with 
insoluble compounds of lead. The layer of these 
compounds prevents the action of water on lead 
pipes. Hence no lead poisoning takes place. 

Drinking water should, therefore, have a 
certain degree of hardness. It usuaily contains 
about 50-120 parts per million of galciur | 
compounds. 


FUELS 


A fuel is a substance which burns in air to pro- 
duce heat energy. Hence burning of fuel is an 
exothermic reaction. Carbon and compounds of 
carbon are used as domestic fuels. 


11.19 Solid Fuels 


Wood, charcoal, coal and coke are some of the 
commonly used solid fuels. The carbon present 
in these fuels burns in excess of air to produce 
carbon dioxide. 

C+O2 > CO2 


11.20 Liquid Fuels 
The common liquid fuels are kerosene oil, 
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petrol and diesel. They are all hydrocarbons 
(compounds of carbon and hydrogen only) 
and are obtained by fractional distillation of 
crude oil called petroleum. These fuels when 
burned in excess of air produce carbon dioxide 
and water vapour, along with the liberation of 
heat energy. 

Ethanol, an alcohol, is also used as a fuel in 
spirit lamps. Carbon dioxide and water vapour 
are produced when it burns, 


C2HsOH +302 > 2CO2+3H20 
ethanol 


Alcohol when mixed with petrol is called 
power alcohol. Kerosene oil is used as a domes- 
tic fuel and also as a jet fuel and as fuel in mis- 
siles. A mixture of dimethylhydrazine and nitric 
acid is now used in rockets and missiles. 


11.21 Gaseous Fuels 


Gaseous fuels are used for domestic as well as 
industrial heating. Some important gaseous fuels 
are as follows, 


1. Natural Gas 


Natural gas is obtained from petroleum wells. 
It consists of about 95% hydrocarbons of which 
about 80% is methane (CH). Traces of carbon 
dioxide, nitrogen and hydrogen sulphide are also 
present. It is the cheapest available gaseous fuel. 
In Indian villages Gobar gas plants are becoming 
popular. It contains mainly methane and is a 
kind of biogas’ produced by animal faeces, 


2. L.P.G. 


Fractional distillation of petroleum produces 
Propane (C3Hs) and butane (C4Hio). These gases 
are liquefied under pressure and filled into 
strong steel cylinders as liquefied petroleum gas 
(L.P.G.). When the valve of a cylinder is opened 
the liquid evaporates to give the gaseous fuel 
which is burnt in Specially designed burners, 
L.P.G. is sold in India under the trade names 
Indane and Burshane. The hydrocarbons in 
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L.P.G. burn producing carbon dioxide and 
water vapour. 


C3Hs +502 > 3CO2+4H20 
propane 


2C4H10 + 1302>8CO2+ 10H20 
butane 


3. Froducer Gas 

When air is passed through a layer of white hot 
coke (1200°C) in a furnace (Fig. 11.11), oxygen 
of the air reacts with coke to give carbon dioxide 
in the lower part of the furnace. 


C+0O2- CO2 


Coke 


Producer gas 


(N, + CO) 


Coke 


Sheet tron with 
fire-brick tining 


FIG. 11.11, Manufacture of producer gas. 


This is an exothermic reaction ana nence heat 
is liberated. The temperature of coke rises, 

The carbon dioxide rises up the column of 
coke and gets reduced to carbon monoxide, 


CO2+C + 2co 


This is an endothermic reaction. Hence heat is 
absorbed and the temperature falls, 

The first reaction is more exothermic than ° 
second reaction is endothermic. On the v vie, 
therefore, heat is liberated in the forme ion of 
carbon monoxide, 


The gas coming out of the plant is a 
mixture of nitrogen (of the air) and carbon 
monoxide. Two thirds by volume is nitrogen 
and one-third by volume is carbon monoxide. 
Carbon monoxide is the combustible gas in the 
mixture and burns exothermically to produce 
carbon dioxide. 


2CO.+O2 - 2CO2 


Producer gas is not considered a_good fuel 
because two-thirds of it has no fuel value. It is, 
however, a very cheap gaseous fuel for industrial 
heating and is used in heating glass furnaces and 
retorts. 


4. Water Gas 
Steam is passed over white hot coke (1200°C). 
The reaction is endothermic, causing the coke to 
cool. The reaction produces hydrogen and 
carbon monoxide in equal volumes. 
C+H20 > CO+H2 
water gas 

As the reaction progresses the temperature of 
the coke falls. Below 1000°C carbon dioxide, a 
non-combustible gas, is formed instead of carbon 
monoxide. 


C+2H20 > CO2+2H2 


The flow of steam is, therefore, stopped after 
four minutes, when the temperature of coke falls 
below 1000°C: Air is blown for about two 
minutes when a portion of coke burns exothermi- 
cally to raise the temperature of coke to about 
1400°C. Thus a steam-blow of four minutes and 
an air-blow of two minutes are alternately 
carried out. The water gas produced is collected 
in gas holders. 

Both hydrogen.and carbon monoxide of water 
gas are combustible gases and burn exothermi- 
cally. 

2CO +02 > 2CO2 
2H2 +02 -> 2H20 


Water gas is therefore a much better fuel than 
producer gas. 
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5. Coal Gas 


Destructive distillation is the process of heating 
a substance in a closed container. When coal is 
subjected to destructive distillation at about 
1000°C, a solid residue is left in the retort con- 
tainer and is called coke. The volatile substances 
present in coal escape out and are cooled to 
produce two liquid layers. The heavier liquid is 
called coal tar and the lighter aqueous layer is 
called ammoniacal liquor. The former is used for 
obtaining different organic compounds and the 
latter is used for making nitrogenous fertilizers 
such as ammonium sulphate. 

The mixture of the uncondensed gases, after 
washing with water and purifying with iron ({) 
oxide, is collected in gas holders. This mixture 
is. called coal gas and contains 50% hydrogen, 
30% methane (CHa), 10% carbon monoxide and 
10% other gases (Fig. 11.12). 

Iron (III) oxide removes hydrogen sulphide, 
which would otherwise produce harmful sulphur 
dioxide gas and sulphuric acid vapours when 
coal gas is burned in air. 


11.22 Calorific Value of a Fuel 


Calorific value of a fuel is the amount of heat 
produced when 1 kg of a solid or liquid fuel or 
1 dm} of a gaseous fuel is burnt completely in 
excess of air or oxygen. Hydrogen and methane 
have a high calorific value. 


11.23 Characteristics of a Good Fuel 


A good fuel should have the following charac- 
teristics. 

1. It should be cheap and readily available. 

2. It should have a high calorific value. 

3. It should leave behind little or no waste 
products on burning. 

4. It should not produce harmful products on 
burning. It should cause minimum pollution of 
air. 

5. It should be easy to store, transport and 
handie. 

Gaseous fuels are excellent fuels as they satisfy. 
most of the requirements of a good fuel. 


Hydraulic 
main 


Ammoniacal 
liquor 


Tar 


Condenser 
f 


Scrubber 


Vvaler 


Iron (IID).oxide 


To gas holder 


Purifier 


FIG, 11.12. Manufacture of coal gas. 


PROBLEMS 


1. Define the term allotropy. How will you show that 
graphite and diamond are different allotropic 
forms of the same element? 


2, (a) Give three differences between diamond and 
graphite, 
(b) State two uses of diamond and give reasons 
for the uses mentioned. 
(c) State two industrial uses of graphite. Mention 
the reasons for each use. 
3. (a) Mention two amorphous forms of carbon and 
: ive One use of each form, 
(b) How is wood charcoal obtained? 


4. Describe briefly the laboratory preparation of a 
pure and dry sample of carbon dioxide. Can you 
use nitric acid or sulphuric acid in the laboratory 
Preparation? 

5. Describe all that you would observe when 


(a) a burning Piece of a magnesium ribbon is in- 
troduced into a jar of carbon dioxide. 
(b) carbon dioxide is bubbled through lime water 
till the gas is in excess, 
Write equations for the reactions taking place. 
6. (a) What will you observe when carbon dioxide 
is bubbled through 4 Concentrated solution of 
sodium hydroxide? (Write equations for the 
reactions, ] 
If instead of concentrated sodium hydroxide, 
4 concentrated solution of Potassium hydroxide 


1s reacted with carbon dioxide, what differenc- 


(b 


LS 
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€s would you. observe? Give reasons for your 
answer, 

7. (a) How is carbon dioxide produced and how is it 
removed from the air? 

(b) Briefly explain the working of a soda-acid fire 
extinguisher, 

(c) Explain the use of carbon dioxide as a refri- 
gerating agent. 

8. (a) How would you get oxygen from a mixture of 
carbon dioxide and oxygen? 

(b) Discuss the Telative merits of lime water, 
sodium carbonate and Potassium hydroxide 
as far as their use for the removal of carbon 
dioxide is concerned, 

9. (a) How is carbon monoxide Prepared from 
sodium formate? Clearly state the function of 
concentrated sulphuric acid. 

(b). Why is it dangerous to sleep in a room with a 
coke fire on? 


10, (a) How is carbon monoxide Prepared in the 


laboratory from oxalic acid crystals? 
(b) Mention two uses of carbon monoxide. 


11. (a) State the difference between quicklime, slaked 


lime and lime water, 
(b) What would you observe when water is added 
to a piece of quicklime? 


(c) Give three uses of limestone and two uses of 
slaked lime. 


12. How would you “differentiate between carbon 


monoxide and carbon dioxide? 


13, 
14. 


13; 


16. 


17. 


13. 


Describe the action of soap on hard water. 


(a) Describe two ways in which rain water becom- 
es hard. 

(b) Gives two advantages and two disadvantages 
of hard water, 

(a) What do you understand by temporary and 
Permanent hardness in water? 

(b) How would you remove temporary hardness 
from water? 

(a) How would you get a sample of temporary 
and permanent hard water from lime water? 

(6) How is permanent hardness removed by wash- 
ing soda? 

(a) What are synthetic detergents? In what ways 
are they better than soap? 

(b) Describe an ion-exchange method for the 
removal of hardness in water. 

(a) What are fuels? 

(b) Define the calorific value of a fuel. 
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19. (a) How is producer gas obtained? 


(b) Describe briefly a method of preparing water 
gas. 


20. (a) Which of the two, producer gas and water gas, 


is a better fuel? Give reasons for your answer. 
(b) What is power alcohol? 


1. (a) Name the gas present in the domestic gas 


cylinder, 
(b) What is natural gas? 
(c) Give the composition of coal gas. 


22. (a) Why is it desirable to remove hydrogen sul- 


phide from coal gas? 

(b) Name three by-products obtained when coal 
gas is prepared from coal. Give one use of 
each by-product. 


23. (a) If you are given a mixture of carbon dioxide 


and oxygen, how would you obtain pure oxy- 
gen and carbon dioxide separately from the 
mixture? 

(b) Name an acidic and a neutral oxide of carbon. 


12 


Chlorine and Hydrogen Chloride 


Fluorine, chlorine, bromine and iodine are non- 
metallic elements and form a family of elements 
called halogens (meaning ‘salt-producers’). All 
of them react with most metals to form electro- 
valent compounds such as sodium chloride 
(common salt). The halogens show a lot of simi- 
Jarity in their properties. Fluorine is the most 
reactive, followed by chlorine, bromine and 
iodine. Fluorine and chlorine are gases, bro- 
mine is a liquid and iodine is a solid at room 
temperature, 


CHLORINE 


12,1 Laboratory Preparation of 
Chlorine 


(a) Chlorine from Hydrochloric Acid 
Put some powdered manganese (IV) oxide, also 
called manganese dioxide, in a round-bottomed 
flask, and add concentrated hydrochloric acid 
through a thistle funnel. Heat the flask. Effer- 
vescence takes place producing greenish-yellow 
chlorine gas. Hydrogen chloride gas and water 
vapour are mixed with chlorine as impurities. A 
wash bottle containing water removes hydrogen 
chloride gas and a wash bottle containing con- 
centrated sulphuric acid removes water vapour 
(Fig. 12.1). 

Chlorine gas is fairly soluble in water. Some 
of the gas, therefore, dissolves in water contain- 
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ed in the first wash bottle; But the water soon 
becomes saturated with chlorine gas and no 
more chlorine dissolves in it thereafter. 

Chlorine gas is heavier than air (molecular 
weight 71) and is therefore collected by upward 
displacement of air, also called downward deli- 
very. It can also be collected over brine, if dry 
gas is not required, 

Manganese (IV) oxide is an oxidising agent 
and “oxidises hydrochloric acid to produce 
chlorine gas. 


MnO2+4HCl > MnCh+2H20+ Cl 


manga- conc, manga- chlorine 
nese hydro- _ nese (II) 

(IV) _chloric chloride 

oxide acid 


The experiment is conducted in a furne-cham- 
ber because chlorine gas is very poisonous. 


(b) Chlorine from Sodium Chloride 

Powdered sodium chloride is mixed with man- 
ganese (1V) oxide and the mixture when reacted 
with concentrated sulphuric acid produces. chlo- 
rine gas. Gentle heating helps the reaction to 
proceed smoothly. 


2NaCl_4- MnO, + 3H,SO,> 

sodium Manganese (Iv) concentrated 

chloride oxide sulphuric acid 
2NaHSQ, + MnSQ, + 2H,0 + Cl, 
sodium manganese (11) _— chlorine 
hydrogen sulphate 
sulphate 


a aS pee EE Gigs AEM Hoe 


ee 


Manganese (IV) 
oxide and 
concentrated 
hydrochloric acid 

4 


Water 


Chiorine 


Concentrated 
sulphuric acid 


FIG. 12.1 Laboratory preparation of chlorine from manganese(IV) oxide 


and hydrochloric acid. 


The gas is dried by bubbling through concentrated 
sulphuric acid and is collected by the upward displace- 
ment of air (Fig. 12.2). 


(c) From Bleaching Powder 


When any dilute acid, e.g. dilute hydrochloric acid, is 
added to solid bleaching powder, there is vigorous effer- 
vescence. Greenish-yellow chlorine gas is produced and 
can be collected over brine or by upward displacement of 
air. No heating is needed for the reaction to take place : 


CaOCl, + 2HCl — CaCl, + H,O + Cl, 
bleaching calcium 
powder chloride 


Nitric acid will give a similar reaction. 


CaOCl, + 2HNO, — Ca(NO,), + H,O + Cl, 
bleaching calcium 
powder nitrate 


If the gas is needed pure and dry, it is purified in the 
same way as described in the first method. 


(d) Using Lead Dioxide and Red Lead 

Lead dioxide and red lead are oxidising agents. They 
oxidise concentrated hydrochloric acid (on heating) to 
give a white precipitate of lead (I!) chloride and greenish- 
yellow chlorine gas. Hydrochloric acid is oxidised by loss 


1]! 


of hydrogen : 
PbO, + 4HCI — PbCl, + 2H,O + Cl, 
Pb,O,+8HCI — 3PbCl, + 4H,O + Cl, 


12.2 Properties of Chlorine 


Physical Properties 


1, It is a greenish-yellow gas with an unpleasant 
choking smell. f 

2. {tis denser than air. 

3. It is fairly soluble in water. 

4. It turns moist litmus paper colourless. This can be 
used as a test for the gas. 


Chemical Properties 

ie COMBINATION WITH NON-METALS 

(a) When a piece of white phosphorus is put into a jar 
of chlorine, it burns spontaneously producing white fumes 
of the two chlorides, phosphorus trichloride and phospho- 
rus pentachloride. 


2P + 3Cl, — 2PCl, 
phosphorus 
trichloride 


Concentrated 
sulphuric acid 


oxide and 


Manganese (IV) 


sodium chloride 


Chlorine 


Concentrated 
sulphuric acid 


FIG, 12.2. Preparation of chlorine from sodium chloride. 


2P+5Ch > 2PCls 
phosphorus 
pentachloride 


(b) When equal volumes of hydrogen and 
chlorine are exposed to diffused sunlight, the 
greenish-yellow colour of chlorine disappears. 
Colourless hydrogen chloride gas is formed 
which fumes in air. 


H2+Cle > 2HCI 
hydrogen 
chloride gas 


2. COMBINATION WITH METALS 

Chlorine is a very reactive non-metallic element 
and combines with heated metals to form chlo- 
rides, If a metal exhibits more than one valency 
the higher valency of the metal is operative be- 
cause chlorine is a strong oxidising agent. 


(a) Molten sodium burns in chlorine with a 
yellow flame producing white crystals of sodium 
chloride. 


2Na+ Cl > 2NaCl 
sodiunt 
chloride 
(b) Dry chlorine is passed over a heated coil 
of iron wire. The wire begins to glow and the 
glow continues even if the bunsen burner is 
removed. Dark brown, almost black, crystals of 
iron (III) chloride (which sublimes) are collected 
in a bottle whichis kept dry by anhydrous cal- 
cium chloride. This reaction is highly exother- 
mic and produces light also (Fig. 12.3). 
2Fe+3Chk > 2FeCls 
iron (IID) chloride 
Tron (III) chloride is a deliquescent solid 
(absorbs water vapour from the atmosphere) 
and is placed in a desiccator. 


3. ACTION ON WATER 

The solubility of chlorine is approximately 3 cm? 
in 1 cm? of water at room temperature. The 
solution is yellowish-green in colour and smells 
strongly of chlorine. 
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FIG. 12.3. Reaction of chlorine with iron to form iron (IIT) chloride. 


When the solution, called chlorine water, is 
exposed to sunlight, oxygen is given off. which 
can be collected as shown in Fig. 12.4. 


FIG. 12.4. Oxygen is given off when 
chlorine water is exposed 
to sunlight. 


The reaction occurs in two stages. Hypochlo- 
rous acid and hydrochloric acid are formed 
immediately in the first stage. 


120+Clh - HOCI+HCI 


hypo- —_ hydro- 
chlorous chloric 
acid acid 


The hypochlorous acid is slowly decomposed 
by sunlight to give oxygen and hydrochloric 
acid. 

2HOC! > 2HCI1+ 02 


Dilute hydrochloric acid, a colourless liquid, 
is left behind. f 


4, ACTION ON AN ALKALI 

(a) Cold and dilute solutions of alkalis absorb 
chlorine to form hypochlorites and chlorides. In 
the reaction with cold and dilute solution of 
sodium hydroxide, sodium hypochlorite and 
sodium chloride are formed. The resultant solu- 
tion is pale yellow in colour. 
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Cla+2NaOH > NaOCl+NaCl+H20 of oxygen) and chlorine is reduced to hydro- 


Sodium sodium sodium chloric acid (gain of hydrogen). 
hydro- hypo- chloride SO2 + H20 > HS 03 
xide chlorite ‘ 
sulphur sulphurous 
The solution smells like chlorine. dioxide acid 


(b) Hot and concentrated solutions of alkalis H2S803+H20+Clh > H2SO4 + 2HCI 
absorb chlorine to form chlorates and chlorides. gana — 
With hot and concentrated solution of sodium mt 
hydroxide, the products formed are sodium The overall reaction is: 


chlorate and sodium chloride. S02+2H20+Ch > H2804+-2HCI 
- 3Ch+6NaOH > NaClO3+5NaCl+3H20 (c) If a concentrated solution of ammonia is 
sont slowly added into a gas jar of chlorine, ammo- 


nia burns with a greenish flame. Dense white 
This reaction is used for making chlorates fumes of ammonium chloride are formed in the 

which are separated from chlorides by fractional gas jar. Nitrogen gas is also one of the products 

crystallisation. left in the jar. 

5. AS AN OXIDISING AGENT The reaction takes place in two stages. In the 

first step ammonia is oxidised to nitrogen 


Chlorine is a strong oxidising agent. It is itself (removal of hydrogen) by'chlorine. 


reduced either to a chloride ion (by gain of 


" electron) or to hydrogen chloride by gain of 2NH3+3Clh > N2+6HCI 


hydrogen. The hydrogen chloride produced by the reduc- 
(a) When a gas jar of chlorine is put over a tion of chlorine is neutralised by excess of 

jar of hydrogen sulphide, mouth to mouth, you ammonia. 

will observe that the greenish-yellow colour of 6HCI+6NH3 > 6NH.CI 

chlorine slowly disappears. Yellow particles of 


sulphur are deposited on the walls of both the The overall equation for the reaction is as 


gas jars. Hydrogen chloride gas is also formed follows: 
which fumes in air. 3Chk + 8NH3 > 6NH4CI-+N2 
H2S+Ck-> 2HCl + § If excess of chlorine gas is used, the final 
hydrogen sulphur products are nitrogen trichloride, a yellow oily 
chloride explosive liquid, and hydrogen chloride. 
gas 
. watt : NH3+3Ck—> NCI +3HCI 
Chlorine acts as an oxidising agent and oxi- nitrogen 
dises hydrogen sulphide (hydrogen is removed) trichloride 


and is itself reduced (by gain of hydrogen), 
A solution of hydrogen sulphide in water 
absorbs chlorine forming yellow particles of 


(d) Bubble chlorine gas through a solution of 
iron (II) chloride, a pale green solution. The gas 
colloidal (containing very fine particles) sulphur is absorbed. A yellow solution of iron (IID 

dd # solution of hydreeaied acs chloride is formed, Iron (If) ions are thus 
an " y : oxidised by chlorine to iron (IED) ions by loss of 

(b) When sulphur dioxide is bubbled through electrons, 
water, a solution of sulphurous acid is formed, 2Fecl 
If chlorine is passed through this solution, sul- ie a se nace 
phurous acid is oxidised to sulphuric acid (gain chloride chloride 
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or 


Fe2+ -e => Fe? + 


6. ACTION ON SLAKED LIME 


Add a freshly prepared sample of solid slaked 
lime to chlorine gas taken ina gas jar. Allow 
the two to remain together for some time, 
shaking the contents at intervals. The greenish- 
yellow colour of chlorine disappears. A white 
amorphous solid called bleaching powder (also 
known as chloride of lime) is left in the jar. 
Ca(OH)2+ Chk —- CaOChk-H20 


slaked chlorine bleaching powder 
lime r 
7, DisPLACEMENT REACTION 
Out of the three common halogens (chlorine, 
bromine and iodine), chlorine is the most reac- 


tive. It can therefore displace bromine and 
iodine from bromides and iodides respectively. 


(a) When chlorine is bubbled through a 
solution of a bromide salt, it displaces bromine 
from the bromide. Chlorine will react with 
potassium bromide solution to form potassium 
chloride and bromine. Bromine is a red colou- 
red liquid. Hence the. colourless solution of 
potassium bromide turns red. 

2KBr + Ch — 2KCI + Br2 
potassium chlorine potassium bromine 
bromide chloride 

(b) Chlorine displaces the less reactive iodine 
from iodides. Potassium iodide solution turns 
into a reddish-brown solution of iodine. 

2KI +Cle > 2KCl+ Ie 
potassium iodine 
iodide 

If more of chlorine is passed through the 
potassium iodide solution, a black precipitate of 
iodine is formed, 


8. BLEACHING ACTION 

Dry chlorine cannot decolourise a dry litmus 
paper or a dry flower. Chlorine bleaches only in 
the presence cf water. A piece of damp litmus 
paper will, therefore, be bleached by chlorine 


gas. The ink used for printing contains fine 
particles of carbon only and cannot be bleached 
by chlorine. 

Hypochlorous acid is formed when chlorine 
reacts with water. This compound is very reac- 
tive and it readily gives its oxygen to the dye 
(colouring matter), which is oxidised to-form a 
colourless.substance. 


Chk+H20—> HCi+ HOC 
hypochlorous 
acid 

HOcI > HCI+0 
O+dye — colourless substance: 


As the reaction is very vigorous, chlorine is 
not used to bleach delicate materials. After 
bleaching, the article is thoroughly washed with 
water to remove all chemicals. Excess of chlo- 
rine is removed by sodium thiosulphate,com- 
mercially sold as hypo. Bleaching by chlorine is 
permanent. 


12.3 Uses of Chlorine 


1. As a germicide and disinfectant. 

2. To sterilise drinking water. The reaction 
is similar to bleaching action. The germs are 
killed by oxidation. 

3. Asa bleaching agent. 

4. In the manufacture of chlorates which are 
used as weed-killers, and in the manufacture of 
hydrogen chloride which is used to manufacture 
poly vinyl chloride (PVC). 


HYDROGEN CHLORIDE 


12.4 Laboratory Preparation of 
Hydrogen Chloride 


Add concentrated sulphuric acid to powdered 
common salt taken in a round-bottomed flask. 
Warm the mixture. A brisk effervescence takes 
place producing hydrogen chloride gas. Concen- 
trated sulphuric acid is a non-volatile acid and 


* produces the volatile hydrogen chloride. 
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NaCl + H2SO4 > NaHSO, + HCl 


common conc, sodium hydrogen 
salt sulphuric hydrogen chloride. 
acid sulphate gas 


Hydrogen chloride gas is dried by bubbling 
through concentrated sulphuric acid, It is col- 
lected by upward displacement of air as the gas 
is-heavier than air (Fig. 12.5), 

If more of common salt is added to the 
sodium hydrogen sulphate left in the flask and 
the flask heated to red heat, further amount of 
hydrogen chloride is liberated. This temperature 
is not attained in the laboratory preparation of 
hydrogen chloride. 


NaHSO4+ NaCl > NasSOQ4+ HCl 


sodium common sodium hydrogeis 
_ hydroger salt sulphate —_ chloride 
sulphate gas 


12.5 Properties of Hydrogen 
Chloride 


Physical Properties 


1. It is a colourless gas with a choking smell. 
2. It is denser than air. 


Sodium chloride 
H and concentrated 
sulphuric acid 


3. It is very soluble in water. 450 cm? of the 
gas dissolve in 1. cm? of water. The fountain 
experiment (see Chapter 13 under Ammonia) 
can be performed to show its extreme solu- 
bility. 

4. When it comes in contact with air, it 
produces fumes of small droplets of hydrochlo- 
ric acid on reacting with water vapour present 
in the air. 


Chemical Properties 


1, REACTION WITH WATER 


Dry hydrogen chloride gas does not turn blue 
litmus paper red. When cooled it can be changed 
into liquid state. Liquid hydrogen chloride does 
not conduct electricity and does not react with 
marble chips. Hydrogen chloride is, therefore, a 
covalent compound. 

When dissolved in water, hydrogen chloride 
solution turns blue litmus red, conducts electri- 
city and produces carbon dioxide on reacting 
with marble chips. Hence hydrogen chloride 
solution in water has acidic properties, 

Hydrogen chloride reacts with water to form 


Concentrated ° 


‘sulphuric acid 
FIG. 12.5, Prepatation 6f hydrogen chloride gas, 
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hydrated hydrogen ions known as hydronium 
ions (H30*). 
HCl +H2.0 > H30+ + CI 


hydrogen hydronium chloride 
chloride ion ion 


The hydronium ion behaves as if it were a 
simple hydrogen ion (H*). For this reason, 
hydrogen chloride solution in water is said to 
consist of hydrogen ions and chloride ions. 


HCI (aq) > H++Cl- 


2. ACIDIC PROPERTIES 
The solution of hydrogen chloride in water is 
hydrochloric acid and has the usual acidic pro- 
perties. 

(a) Hydrochloric acid reacts with metals 
above hydrogen in the reactivity series to give 
a chloride and hydrogen. ; 


Zn + 2HCl > ZnCk + H2 


zinc hydro- zine hydrogen 
chloric chloride 
acid 
Fe + 2HCl — FeChk +H 
iron _—hydro- iron (I) 
chloric chloride 
acid 


(b), Hydrochloric acid neutralises bases to 
form a chloride and water. 
NaOH + HCl — NaCl + H20 
sodium hydro- sodium 
hydroxide _ chloric chloride 
acid 


CuO + 2HCl + CuChk + H20 


copper (iI)  hydro- —_ copper (II) 
oxide chloric chloride 
acid 


(c) On reacting with carbonates, hydrochloric 
acid forms a chloride, water and carbon dioxide. 
CaCO3 + 2HCl > CaCk:+H20+ CO2z 
calcium hydrochloric calcium carbon 
varbonate acid chloride dioxide 
Na2xCO3 + 2HCI -~ 2NaCl+H20+CO2 


sodium hydrochloric sodium 
carbonate acid chloride 


3. REACTION WITH SILVER NITRATE SOLUTION 
With silver nitrate solution, hydrochloric acid 
gives a white precipitate of silver chloride, 


HCl + AgNO; -—> AgCl + HNOs 


hydro- silver silver nitric 
chloric nitrate chloride acid 
acid 


The white precipitate is soluble in ammonium 
hydroxide solution due to the formation of a 
colourless soluble complex called diamine silver 
(I) chloride. 


AgCl+2NH,0H — [Ag(NHs)2]Cl+2H20 
diamine 
silver(I) 
chloride 
The precipitate does not dissorve in nitric 
acid. This can also be used asa test for hydrogen 
chloride or hydrochloric acid. 


12.6 Uses of Hydrochloric Acid 


1. In the manufacture of chlorine by electro- 
lysis of concentrated hydrochloric acid. : 

2. Mixture of concentrated hydrochloric acid 
and concentrated nitric acid in the ratio of 3:1 
by volume is called aqua regia. This is used to 
dissolve noble metals such as gold and platinum. 

3. Hydrochloric-acid is used to ‘pickle’ iron, 
a process which removes rust from. the ‘surface’ 
of the metal before galvanising or tin plating. 

4. It is used in the preparation of glue from 
bones. 


12.7 Tests for Hydrogen Chloride and 
Its Salts 


1. Hydrogen chloride is an extremely pungent 
gas and produces dense white fumes of solid 
ammonium chloride when a rod dipped in con- 
centrated ammonia solution is brought in con- 
tact with it. This is the test for the compound. 


NH;+HCl > NHsCl 
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2. To test for chlorides, add concentrated sul- 
phuric acid to the salt. A brisk effervescence 
produces hydrogen chloride gas which fumes 
in air, With a rod dipped in ammonia solution, 
dense white fumes. of ammonium chloride are 
produced. 

3. To the salt add manganese dioxide and 
concentrated sulphuric acid. On heating, gree- 
nish-yellow chlorine gas is evolved which bleaches 
moist litmus paper. 

4. A solution of the salt in dilute nitric acid 
produces a white precipitate on reacting with 
silver nitrate solution. 


12.8 Preparation of Hydrochloric 
Acid 


Hydrogen chloride is first prepared by heating 
gently a mixture of concentrated sulphuric acid 
and sodium chloride in a round-bottomed flask. 


NaCl + H2SO4 -> NaHSO,+ HC! 


If the delivery tube, through which hydrogen 
chloride gas is coming out, is immersed into a 
beaker containing water, the water is sucked 
back into the. flask. Hydrogen chloride is very 
soluble in water and dissolves at a faster rate 
than it is produced in the flask. This creates a 
low pressure inside the flask and the atmospheric 
pressure forces the water into the flask. This 
may result in an explosion because of the heat 
produced when water comes in contact with 
concentrated sulphuric acid in the flask. 

The delivery tube is, therefore, connected to 


an inverted funnel. The rim of the funnel just 
touches the surface of the water in the beaker 
(Fig. 12.6). 


Water saturated with 
hydrogen chloride 


HCI _gas 


HCI gas 
— 


HCI gas HCI gas 
pi = 


A considerable amount of water is required 
to fill the funnel before the narrow tube is 
teached. This lowers the level of water in the 
beaker. The rim of the funnel is exposed to air 
which is also forced up. This equalises the pres- 
sure of gases and the water drops back from 
the funnel into the beaker. The rising of water 
into the funnel and the water dropping back 
into the beaker continue till a saturated solu- 
tion of hydrogen chloride in water is formed. 
This solution is concentrated hydrochloric acid 
and contains about 36% by weight of hydrogen 
chloride. 

Saturated solutions of all gases very soluble 
in water are prepared by this method. Ammonia, 
a gas extremely soluble in water, is dissolved in 
water using a similar technique. 


PROBLEMS 


1. (@) What are halogens? Which is the most reactive 
and which is the least reactive halogen? 
(b) Describe an experiment to show that chlorine 
is more reactive than iodine, 


2. (a), Briefly describe the laboratory preparation of 


pure chlorine using manganese dioxide. 
(b) Does manganese dioxide act as a catalyst in the 


above Preparation? Give feasons for your answer, 


3. (a) How is chlorine prepared in the laboratory 
without heating? 
(b) State three industrial uses of chlorine. 


4. (a) How would you obtain chlorine from sodium 
chloride? 
(b) Give the test for chlorine gas. 
5. (a) How will you distinguish between chiorine and 
hydrogen chloride gas? 
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10. 


il. 


12. 


13. 


. (a) How is hydrogen chloride prepared in 


(b) How is a saturated solution of hydrogen chlo- 
ride in water prepared? 


. Describe one reaction each for the following pro- 


perties of chlorine. Write equations for the reac- 
tions mentioned. 


(a) Chlorine reacting with a metal. 

(b) Chlorine reacting with a non-metal. 

(c) Chlorine acting as an oxidising agent. 

the 
laboratory? 

(b) What happens when chlorine water is exposed 
to sunlight? 


. (a) Discuss the bleaching action of chlorine. Is the 


bleaching permanent? 

(b) Chlorine gas turns moist blue litmus paper red 
and then bleaches the litmus paper. Give 
reasons for the observations. 


. (a) How is potassium chlorate prepared from 


potassium hydroxide? 
(b) How is iron (IlL) chloride prepared from iron? 


What will you observe when 


(a) chlorine is bubbled through sulphur dioxide 
solution in water. 
chlorine is reacted with slaked lime. 


Give equations for the reactions. 


(6. 


7 


Why is chlorine used for sterilising water? 
What will you observe when ammonia solution 
is poured slowly into a jar of chlorine? 


(a) 
(b) 


Describe the reaction of chlorine on a cold 
and dilute solution of sodium hydroxide. 
How is hydrochloric acid prepared from hydro- 
gen chloride gas? 


(a 


LS 


(b) 


~ 


Write three equations to show that hydrochlo- 
ric acid acis as an acid, 
State three uses of hydrochloric acid. 


(a 


LY 


(b 


i 


14, 


15, 


16. 


17. 


18. 
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(a) A solution of silver nitrate is added to sodium 
chloride and to the products formed ammonia 
solution is added. What all will you observe? 
Write equations for the reactions taking place. 

(b) What happens when chlorine is bubbled 
through iron(II) chloride solution? Give an 
equation for the reaction. 

(a) Mention a reaction in which chlorine reacts 
with another element only in presence of light. 

(b) Why does hydrogen chloride fume in air? 


Which of the substances in the following equations 
are oxidised? Give reasons for your answer. 


(a) Cl,+H,S > S+2HCI 

(b) MnO,+4HCI > MnCl,+2H;0+Cl, 
(c) 2NH,+3Cl, > 6HCI+N, 

(d) 2FeCl,+Cl, > 2FeCl; 


A black solid A when reacted with concentrated 

hydrochloric acid produces a gas B. The gas B 

when reacted with water in presence of sunlight 

produces another gas C along with hydrochloric 

acid. 

(a) What are substances A, B and C? 

(b) Write equations for the different reactions 
mentioned above. 

(a) How is chlorine obtained 1rom bleaching power? 

(b) How would you prepare ammonium chloride 
from hydrogen chloride? 


. A compound A isa pale green solid. Its solution 


in water when treated with sodium hydroxide solu- 
tion forms a green precipitate B. When the solu- 
tion of compound A is treated with chlorine, it 
turns yellow forming a compound C. When reacted 
with sodium hydroxide solution, C forms a 
reddish-brown precipitate of compound D- 


(a) Name the compounds A, B, C and D. 
(b) Write equations for the different steps in the 
experiments described above. 
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Nitrogen and Its Compounds 


Nitrogen occurs abundantly in nature. It 
makes up 78.1% of the atmosphere and is pre- 
sent in nitrate deposits, such as sodium nitrate, 
in the earth’s crust. Nitrogen compounds, espe- 
cially proteins, are constituents of all living 
things. 


13.1 Obtaining Nitrogen from Air 


Water is allowed to enter an aspirator when air 
is pushed out. The air is passed through a con- 
céntrated solution of sodium hydroxide or potas- 
-sium hydroxide to remove carbon dioxide. It 
is then passed over strongly heated copper to re- 
move oxygen of the air. Copper reacts with 
oxygen to form black copper(I) oxide. The 


Water 


Concentrated 
potassium hydroxide 


Copper 


nitrogen left is collected by downward displace- 
ment of water (Fig. 13.1). 

Nitrogen can be prepared industrially from air 
by fractional distillation of liquid air. : 


13.2 Laboratory Preparation of 
Nitrogen 


Heat gently a solution containing sodium nitrite 
and ammonium chloride. A double decomposi- 
tion reaction produces ammonium nitrite. 
NaNOz + NH,Cl—> NaCl + NH4NO2 
sodium ammonium ammonium 
nitrite chloride nitrite 
The reaction is exothermic, and as the solu- 
tion is heated up further, ammonium nitrite 


Nitrogen 


FIG. 13.1. Obtaining nitrogen from air. 
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decomposes to give nitrogen. There is brisk 
effervescence and nitrogen is collected over 
water (Fig. 13:2). 

NH4NO2 — N2+2H20 


Sodium nitrite and 


ammonium chloride ; 
Nitrogen 


FIG. 13.2.. Laboratory preparation of nitrogen. 


Atmospheric Nitrogen and Pure Nitrogen 
In 1890, Lord Rayleigh found that the nitrogen 
obtained from air had slightly greater density 
than pure nitrogen cptained from its compounds. 
Rayleigh and Ramsay discovered that this was 
due to the presence of noble gases (helium, 
neon, argon and krypton) in the atmospheric 
. nitrogen. Except helium all the other noble gases 
have greater density than nitrogen. 


13.3 Properties of Nitrogen 


Physical Properties 

1. It is a colourless and odourless gas. 

2. It is sparingly soluble in water. 

3. It forms the inactive part ofair and dilutes 
the effect of oxygen in air. Combustion reactions 
are slowed down by the presence of nitrogen in 

air. An atmosphere of pure oxygen would 
cause combustion to take place too quickly. 


Chemical Properties 
1; Nitrogen is inert and does not support 


combustion. It, however, combines with some 
heated metals to form nitrides which are white 
solids. : 
3Mg+N2-> Mg3N2 
magnesium nitride 
3Ca+N2 — Ca3N2 
calcium nitride 
AIN 


duminium nitride 


2Al+N2 > 


Nitrides are readily decomposed. by water, 
producing white precipitate of hydroxide of the 
metals and ammonia gas which has a characteris- 
tic pungent odour. 


Mg3N2+6H20 > 3Mg(OH)2 + 2NHs 


magnesium ammonia 
hydroxide 
AIN+-3H20 — AI(OH)3 + NH3 
= aluminium 
hydroxide 


2. Nitrogen combines with oxygen to form 
nitrogen monoxide. 
Na+ O2 2NO 


The reaction is reversible and is highly endo- 
thermic. Even at a temperature of about 3000°C, 
the yield of nitrogen monoxide is only about 
5°%. The reaction was initially tried as a method 
of producing nitrogen / monoxide (for manu- 
facturing nitric acid on a large scale) from 
atmospheric nitrogen, but was later rejected due 
to the low yield. 4 

3. Nitrogen combines with hydrogen to give 
ammonia gas by Haber’s process. The two gases 
are compressed to a'pressure of 250 atmospheres 
and then passed over finely divided iron heated 
to 500°C, The metal acts as a catalyst. 


N2 + 3H2 = 2NH3 


—s 
— 


The yield of ammonia is about 107%. 


13.4 Uses of Nitrogen 


1. Nitrogen is used in the manufacture of 
ammonia by Haber’s process. 
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2, It is filled in electric bulbs to check oxida- 
tion of the filament. 

‘3. It creates an inert atmosphere in metal- 
lurgical processes. 


AMMONIA 


Decaying organic matter produces ammonia gas. 
The smell coming out from toilets is also due 
to this gas. The compound is very important 
for the fertilizer industry. o 


13.5 Laboratory Preparation of 
Ammonia 


Put a mixture of slaked lime and ammonium 
chloride (also called sal-ammoniac) in a round- 
bottomed hard glass flask. The flask is fitted to 
a retort stand in a sloping position, mouth 
downwards. This is done to avoid water runn- 
ing into the heated flask and breaking the glass. 


Ca(OH)2 + 2NH4Cl > CaCh+2H2O0 + 2NH3 


calcium ammonium calcium 


The gas is dried by passing it through lumps 
of calcium oxide (quicklime). An inverted gas 
jar is placed over the drying tower to collect 
the gas by upward delivery, because it is lighter 
than air (Fig. 13.3). 

Any ammonium salt when heated with oxides 
or hydroxides of sodium, potassium and cal- 
cium would produce ammonia gas. 


NH«Cl + NaOH > NaCl + H20 + NH; 
(NH4)2SO4 + CaO > CaSO, + H20+2NH3 
NH4NO3 + KOH > KNO; + H20 + NH; 


13.6 Ammonia from Nitrides 


Meiallic nitrides such as magnesium nitride and 
aluminium nitride are readily decomposed by 
water at room temperature to give ammonia gas 
and the hydroxide of the metals, which form a 
white precipitate. 


Mg3N2 + 6H20 > 3Mg(OH)2 -+ 2NH3 


ammonia 
hydroxide chloride chloride AIN + 3H20 -> Al(OH); + NH3 
»  eecm me A 
Ammonia 
Slaked lime and 


ammonium chloride 


ee eS 


13.7 Drying of Ammonia 


Ammonia cannot be dried by concentrated 
sulphuric acid as the gas reacts with the acid 
forming ammonium sulphate. 
2NH3 + H2SO4 > (NH4)2SO4 
ammonium 
sulphate 
It cannot be dried by anhydrous calcium 
chloride, as the gas forms a complex compound 
with calcium chloride. 
CaClz + 4NH3 > CaCl2-4NH3 
It is dried by passing over quicklime. Another 
drying agent commonly used is phospitorus 
pentoxide which also reacts with ammonia gas 
to form ammoni'1m phosphate. 


13.8 Manufacture of Ammonia by 
Synthesis (Haber’s Process) 


Ammonia is prepared on a large scale from 
nitrogen and hydrogen. Nitrogen is obtained by 
fractional distillation of liquid air and hydrogen 
is obtained from natural gas or by the Bosch 
process. The two gases are dried and mixed in 
the ratio of 1: 3 by volume. They are then com- 
pressed to 250 atmospheres, and the gases, are 
then passed over finely divided iron heated to 
500°C which acts asa catalyst. Aluminium oxide 
is added to act as a promoter. Chemical combi- 
nation between the two gases produces ammonia 
gas. N2+3H2 = 2NH3 

The reaction is reversible and under the 
conditions mentioned above only about 10% of 
the gases combine. é 

The products are passed through a cooling 
chamber when ammonia gas liquefies under 
pressure. The uncombined gases pass through a 
compression pump and are recirculated into the’ 
catalyst chamber (Fig. 15.4). 


13.9 Properties of Ammonia 


Physical Properties 
1. It is a colourless gas having a characteristic 
pungent odour. 


2. It is very soluble in water. 1 cm? of water 
dissolves 800 cm? of ammonia at room tem- 
perature. 

Its extreme solubility can -be demonstrated 
by the fountain experiment. A thick walled 
flask is filled with dry ammonia gas. The flask 
is fitted with a rubber stopper carrying glass 
tubes and clips as shown in Fig. 13.5. The tubes 
and clips are immersed in water. The clip B is 
opened for few seconds to allow few drops of 
water to enter the flask. After about 5 minutes 
the clip A is opened under water. You will 
observe that water rises up the glass tube rapidly 
and a fountain starts playing. The flask gets 
completely filled with water. 

The few drops of water which enter the flesk 
when the clip B is opened dissolve almost air 
the ammonia. This creates a very low pressure 
inside the flask and the atmospheric pressure 
from outside forces the water into the flask in 
the form of a fountain. 


Chemical Properties 


1. When ammonia dissolves in water, it forms 
a weak alkali called ammonium hydroxide which 
turns red litmus blue. 


NH3 + H20 = NH.OH 
ammonium hydroxide 


2. Ammonia is a basic gas and neutralises 
acids to give salts. 


NH3 + HCl > NH.Cl 


ammonium chloride 


2NH3 + H2SO4 > (NHa)2S04 
ammonium sulphate 


NH; + HNO3-—> NH4NOs 


ammonium nitrate 


3. Ammonia does not burn in air. It, how- 
ever, burns in oxygen with a greenish flame. 
Air with a slight excess of oxygen also supports 
burning of ammonia. 


4NH3 + 302— 2N2 + 6H20 
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Nitrogen Hydrogen 
(from liquid air) (by Bosch process) 


jag anatase Sos canvwers 


Catalyst chamber 


Catalyst (500°C) 


250 atmospheres 
pressure 


Cooling chamber 


Uncombined gases 


be 
Cooling liquid in 


Liquid ammonia 
FIG. 13.4. Manufacture of ammonia by the Haber’s process. 


urea, which is an important nitrogenous ferti- 
liser. 


2NH3 + CO2—> (NH2)2CO +.H20 


urea 


5. When a strongly heated wire of platinum 
is kept just above the surface of a concentrated 
solution of ammonia, in which air is bubbled 
through a pipe, the wire keeps glowing due to 
the highly exothermic nature of the reaction 

* between ammonia (liberated from ammonia 
solution) and oxygen of the air (Fig. 13.6). 
Ammonia is oxidised by oxygen in the presence 


FIG. 13.5, The fountain experiment 
to show that ammonia is 


very soluble in water. of platinum as catalyst. 
4NH;3 + 502-> 4NO + 6H20 
4. Ammonia reacts with carbon dioxide at ammonia nitrogen 
150°C and 150 atmospheres pressure to give monoxide 
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FIG. 13.6. Catalytic oxidation of ammonia. 


Nitrogen monoxide, a colourless gas, com- 
bines with oxygen of the air to give reddish- 
brown fumes of nitrogen dioxide. 

2NO + O2—> 2NO2 
nitrogen 
dioxide 

6. As a reducing agent: Ammonia reduces 
heated metallic oxides of less reactive metals. It 
reduces chlorine to give hydrogen chloride. 

When ammonia is passed over heated black 
copper (II) oxide, the latter is reduced by re- 
moval of oxygen to form reddish-brown copper 
metal. Ammonia gas itself is oxidised to nitrogen 
by removal of hydrogen. 

3CuO + 2NH3—> 3Cu + 3H20 + Na 
copper (II) ammonia copper 

oxide 
The nitrogen produced can be collected by down- 
ward displacement of water. The water vapour 
formed in the reaction can be condensed by 
passing the gas through a U-tube kept in cold 
water (Fig. 13.7). 


Copper (I!) oxide 


Dry ammonia 


Similarly the yellow lead monoxide'is reduced 
to give the grey coloured lead metal which 
marks paper. 

3PbO + 2NH3—> 3Pb + 3H20 + N2 
litharge lead 

7, When a concentrated solution of ammonia 
is added to a jar of chlorine, the former burns 
with a green flame producing white fumes of 
ammonium chloride. This reaction has been 
discussed earlier in the properties of chlorine 
gas. 


13.10 Uses of Ammonia 


1. In the manufacture of nitric acid by 
Ostwald’s process. 

2. In the preparation of ammonium sulphate 
and ammonium nitrate which are nitrogenous 
fertilizers. Ammonium nitrate is also used in 
the manufacture of explosives. 

3. For removal of temporary hardness and 
grease stains from clothes. 

4. Asa refrigerating agent. 

5, For the manufacture of ammonium chlo- 
tide which is usedin dry cells, and ammonium 
carbonate, which is used in smelling salts. 


13.11 Tests for Ammonium Ion 


J. When a salt containing ammonium ion is 
heated with sodium hydroxide solution, 
ammonia gas is liberated which turns moist red 
litmus blue and has a pungent smell. 


FIG. 13.7, Action of ammonia on copper (I) oxide. 
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NHi + OH- > H20 + NH3 

from from ammonia 

salt sodium 

hydroxide 
2. Ifa rod dipped in concentrated hydrochioric 

acid is brought in contact with ammonia, it 
produces dense white fumes of ammonium 
chloride. 


NH3 + HCl-> NH«Cl 


NITRIC ACID 


13,12 Laboratory Preparation of 
Nitric Acid 


Add concentrated sulphuric acid to potassium 
nitrate crystals taken in a glass retort. Heat the 
mixture gently (Fig. 13.8). Sulphuric acid is a 
non-volatile acid and produces the volatile 
nitric acid on reacting with potassium nitrate. 


KNO3 + H2SO4 > KHSO4 + HNO3 


potassium conc. potassium _ nitric 
nitrate sulphuric hydrogen acid 
acid sulphate 


Nitric acid distils over and is collected as a 
light yellow liquid in a receiver cooled by water. 
Pure nitric acid is, however, a colourless liquid. 
The yellow colour is due to the dissolving of 
nitrogen dioxide, a reddish brown gas, in the 


Glass stopper 


Concentrated 
sulphuric acid and 
potassium nitrate 


acid. This gas is produced due to the thermal 
decomposition of a portion of nitric acid. 


4HNO3 — 2H20 + 4NO2 + O2 


If air is bubbled through the yellow nitric acid 
obtained, the latter turns colourless because the 
nitrogen dioxide is oxidised to form nitric acid. 
The reaction is the reverse of the decomposition 
of nitric acid. 

Anall glass retort should be used in the 
laboratory preparation because nitric’ acid 
vapours attack rubber and cork. 


13.13 Manufacture of Nitric Acid 


Ostwald’s Process 


The process is based on the catalytic oxidation 
of ammonia to give nitrogen monoxide. 

Air, free from carbon dioxide and dust, parti- 
cles, and ammonia gas are dried. They are then 
mixed in the ratio of 10 parts by volume of air 
to 1 part by volume of ammonia and passed into 
a chamber containing platinum gauze, as cata- 
lyst, at about 800°C. Ammonia is oxidised to 
form nitrogen monoxide. 


4NH3 +502 > 4NO+6H20 


The reaction is exothermic and the heat evolved 


maintains the temperature of the catalyst 
chamber. 


Nitric acid 


FIG, 13.8. Preparation of nitric acid. 
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The hot gases are passed through a heat 
exchanger where they are cooled. Then they 
pass through a cooling tower where the tempe- 
rature of the gases is further lowered. Air is 
blown into the mixture of gases which are again 
cooled in a second cooling tower known as the 
oxidising tower. The temperature of gases is now 
below 50°C. In the oxidising tower nitrogen 
monoxide is oxidised to nitrogen dioxide. 

2NO + O2 > 2NO2 

The excess of air and nitrogen dioxide then 
pass into an absorption tower in which water 
trickles down from the top. Nitric acid is collec- 
ted at the base of this tower. 


4NO2+02+2H20 > 4HNO3 


13.14 Properties of Nitric Acid 


Physical Froperties 
1. Nitric acid (formerly called aqua fortis) 
is a colourless liquid when pure. It becomes 
slightly yellow due to thermal decomposition of 
a portion of the acid. 

2, Commercial concentrated nitric acid con- 
tains about 70% by weight of pure acid. 

3. Pure nitric acid boils at 86°C. 
Chemical Properties 
1, ACIDIC PROPERTIES 

(a) Nitric acid is a very strong acid. It ionises 


Air Ammonia gas 
se Water 
{10 vols) (1 vol) 
Cooler 


Platinum 
catalyst 


Catalyst 
chamber 


Heat exchanger 


almost completely in dilute solution, to produce 
hydrogen and nitrate ions. ; 


’ HNO;(aq) = Ht+ NO3 


(b) Like other acids it neutralises bases form- 
ing nitrates and water. On reacting with metallic 
carbonates it liberates carbon dioxide and forms 
nitrates. 


NaOH +HNO3 — NaNO3;+H20 


sodium sodium 

hydroxide nitrate 

CuO +2HNO3 > Cu(NO3)2+ H20 

copper (ID) copper (IJ) 

oxide nitrate 

CaCO3 + 2HNO3 > Ca(NO3)2+ H20+CO2 

calcium calcium carbon 
carbonate nitrate dioxide 


2. AcTION ON METALS 

Nitric acid reacts with all metals except gold 
and platinum. Aluminium is also not attacked 
by nitric acid at room temperature because of 
the thin and unreactive layer of aluminium oxide 
formed on the metallic surface due to reaction 
of the metal with oxygen of the air. ° 

The reaction of nitric acid depends on the 
concentration of the acid. 

(a) Very dilute nitric ‘acid (about 5%) gives 
hydrogen on reacting with magnesium and 
manganese at room temperature. 

Air 
water 


Oxidising 
tower 


Absorption tower 


EIG. 13.9. Manufacture of nitric acid. 
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Mg +2HNO3-— Mg(NO3)2+ He 
magnesium magnesium 
nitrate 


Mn +2HNO3-> Mn(NO3)2+H2 
manganese manganese 
nitrate 


These reactions can be used to prepare 
hydrogen from nitric acid or for showing that 
the acid contains hydrogen. 

(b) Dilute nitric acid (50%) reacts with metals 
to’ form nitrogen monoxide, -a colourless gas, 
which on coming in contact with air forms 
reddish-brown fumes of nitrogen dioxide (NO2), 
Nitrate of the metal and water are also formed. 


3Cu+ 8HNO3 > 3Cu(NOs)2+4H20+ 2NO 


dilute copper nitrogen 
nitric nitrate monoxide 
acid 


2NO +02 — 2NO2 


This is a method of preparing nitrogen 
monoxide in the laboratory. The gas can be 
collected by downward displacement of water. 

(c) Concentrated nitric acid reacts with metals 
to form nitrates and reddish-brown fumes of 
nitrogen dioxide. 


Cu+4HNO3 + Cu(NO3)2+2H20 + 2NO2 


conc, nitrogen 
nitric dioxide 
acid 


Nitrogen dioxide can be prepared in the labo- 
ratory by this method. 


3. As AN OxiDIsING AGENT 


(a) Take some powdered charcoal in a test 
tube and add concentrated nitric acid. On heat- 
ing, reddish-brown fumes of nitrogen dioxide 
are evolved. Carbon is oxidised to carbon di- 
oxide by gain of oxygen and nitric acid is redu- 
ced to nitrogen dioxide by loss of oxygen. 


C+4HNO; + 2H:0+4NO2+CO; 


(b) Powdered sulphur reacts with hot and 
concentrated nitric acid to give reddish-brown 
fumes of nitrogen dioxide, Sulphur is oxidised to 


sulphur trioxide by gain of oxygen which finally 
gives sulphuric acid on reacting with water. 


S+6HNOs: > H2SO4+2H20 +6NO2 


13.15 Uses of Nitric Acid 


1. It is used in the manufacture of fertilisers 
such as ammonium nitrate and potassium 
nitrate. 

2.In the preparation of explosive such as 
T.N.T. (tri-nitro toluene) and nitroglycerine. 

3. In the preparation of nitrobenzene which 
is an important raw material for the preparation 
of dyes. 


13.16 Nitrates 


Nitrates are prepared by neutralising nitric acid 
with a base, by the action of nitric acid on 
metals and by the action of nitric acid on car- 
bonates. These reactions have been given earlier 
in the properties of nitric acid. 


Action of Heat on Nitrates 

1. Sodium and potassium belong to a group 
of metals called alkali metals. When heated, 
their nitrates turn into colourless liquids which 
decompose on further heating to give oxygen 
gas. When a glowing splint is touched to the 
surface of the molten liquid, it bursts into flame 
because of the oxygen formed. 


2NaNO;3 +> 2NaNO2+ O2 


sodium sodium 
nitrate nitrite 
2KNO3 + 2KNO2 +02 
potassium potassium 
nitrate nitrite 


Pale yellow crystals of sodium or potassium 
nitrite are left as residue in the test tube. 


2. When white crystals of lead nitrate are 
heated in a test tube, decrepitation (crackling 
sound) occurs. The crystals change into liquid 
and then decompose to give yellow lead mono- 
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xide. reddish-brown fumes of nitrogen dioxide and 
oxygen. 


2Pb(NO,), — 2PbO + 4NO, + O, 
lead (IT) lead 
nitrate monoxide 


If nitrogen dioxide and oxygen gases are taken out of 
the test tube through a delivery tube and cooled by passing 
through a freezing mixture, nitrogen dioxide will condense 
into a yellow liquid and oxygen escapes out. 

Since lead nitrate does not have water of crystallisation, 
the reaction is used for the preparation of nitrogen dioxide 
in the laboratory. 


3. Crystals of copper nitrate are blue in colour.When 
heated in a test tube, the crystals change to bluish-green 
liquid due to liberation of water of crystallisation which 
dissolves the salt. 

Cu(NO,),. 3H,O — Cu(NO,), + 3H,O 


On heating strongly, the water of crystallisation evapo- 
rates and deposits on the cooler parts of the test tube. The 
compound decomposes to form reddish-brown fumes of 
nitrogen dioxide along with the colourless oxygen gas 
which rekindles a glowing splint. Black copper: (II) oxide 
is left as residue. 


2Cu(NO,), +:2CuO + 4NO, + O, 


4. Ammonium nitrate on heating gives dinitrogen 
oxide (N,O) also called nitrous oxide. This is a colour- 
less gas having a faint sweet smell. 


NH,NO, ~ NO + 2H,0 


This reaction can be used for the preparation of nitrous 
oxide in the laboratory. In practice a mixture of sodium 
nitrate and ammonium sulphate is heated. . A double 
decomposition reaction produces ammonium nitrate whi- 
ch decomposes to give nitrous oxide. The reaction is safer 
and proceeds smoothly, without any explosion, when the 
mixture of the two compounds is used. 


2NaNO, + (NH,),SO, > Na,SO, + 2NH,NO, 
NH,NO, ~ N,O + 2H;0 
Tests for Nitrates 


1. Take a small amount of the salt and add concen- 
trated sulphuric acid. Heat and then add a few pieces of 


copper turnings. On further heating reddish-brown fumes 
of nitrogen dioxide are given off. 


NO,” + Ht HNO, 
Cu + 4HNO, — Cu(NO,), + 2H,O + 2NO, 


2. Ring test : Prepare a solution of nitrate salt in water 
and to this add a freshly prepared saturated solution of 
ifon (II) sulphate. Pour carefully 1 cmof concentrated 
sulphuric acid so that it trickles down the wall of the test 
tube. A brown ring is formed at the junction of the two 
liquids (Fig. 13.10). A portion of iron (II) sulphate is 
oxidised by nitric acid produced by the nitrate salt and 
conc. sulphuric acid. Nitrogen monoxide is produced, 
which is absorbed by the unchanged iron (II) sulphate, 
producing the brown ring. The ring appears due to the 
formation of the compound nitroso-iron (II) sulphate 
[(FeSO,). NO}. 


Concentrated 
sulphuric acid 


FIG. 13,10. The brown ring test. 


13.17 Fixation of Atmospheric 
Nitrogen 


Plants absorb nitrates dissolved in water present 
in the soil. The supply of nitrogen to the soil 
falls short of the need of plants as crops are 
grown year after year. It is essential to make the 
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atmospheric nitrogen available to the soil by 
fixing it with other elements. 

The process of changing nitrogen of the air 
into useful compounds of nitrogen is called fixa- 
tion of nitrogen. The nitrogen present in these 
compounds is called fixed nitrogen. 

Fixation of nitrogen is achieved both by arti- 
ficial and by natural processes, 


Artificial Processes 

1. Nitrogen of the air is changed into ammo- 
nia by Haber’s process as discussed earlier. 

2, Nitrogen reacts with calcium carbide at 
1000°C to give calcium cyanamide (also called 
nitrolim) which is used as a fertiliser, 

3. Nitrogen and oxygen of the air can be 
made to combine and form nitrogen monoxide at 
3000°C. On cooling nitrogen monoxide changes 
to reddish-brown fumes of nitrogen dioxide. 
The latter can be changed to nitric acid from 
which fertilisers can be manufactured. 


N2+O2 = 2NO 
2NO+0O2 > 2NOQ2 
4NO2+2H20+02 > 4HNO3; 


This method of fixing nitrogen is now obso- 
lete because the formation of nitrogen mono- 
xide is difficult and expensive. Even at 3000°C 
the yield is only about 5%. 


Natural Processes 


1. Symbiotic bacteria present in the nodules 
on the roots of leguminous plants (e.g. pea and 
gram) use atmospheric nitrogen to make pro- 
teins. 

2. Nitrogen monoxide is formed from oxygen 
and nitrogen in the air, when electrical dis- 
charges take place during thunderstorms. Nitro- 
gen monoxide changes to nitrogen dioxide on 
cooling and the gas dissolves in rain water to 
form nitric acid. The equations for the reactions 
have been given in the artificial Processes’ of 
fixing atmospheric nitrogen. 

Nitric acid reacts with compounds such as 
limestone present in the soil to form nitrates 
which can be assimilated by plants, 


CaCO3 + 2HNO;3 > Ca(NOs3)2+H20+CO, 
limestone calcium 
nitrate 


13.18 Nitrogen Cycle 
The nitrogen cycle consists of two processes. 


1. Transfer of atmospheric nitrogen to soil 
and to plants and animals. 

Cells and tissues of living organisms are built 
up mainly of proteins which are nitrogenous 
compounds, Most of the plants and animals 
cannot take nitrogen directly from the air and 
convert it into proteins, 

The two natural processes described earlier 
change the atmospheric nitrogen into proteins 
in the plants and nitrates in the soil. The nit- 
Tates are changed inic proteins by plants other 
than leguminous plants. These plants are eaten 
by animals as food. 


2. Transfer of nitrogen from plants and 
animals to the soil. 

Some of the proteins taken by animals are 
utilised to form flesh, while the excess is excret- 
ed as urea in the urine of animals. This returns 
to the soil. Urea is decomposed to ammonia by 
the bacteria in the soil. When animals die, 
bacteria decompose the protein to form ammonia. 
Nitrosifying bacteria oxidise. ammonia into 
nitrites which are then oxidised by nitrifying 
bacteria in the soil to nitrates, A portion of the 
nitrates are assimilated by plants while some are 
changed into nitrogen by the denitrifying bac- 
teria. The nitrogen, thus, returns to the air. 
Lime, which is sometimes mixed into the soil to 
make it alkaline, increases the activity of nitri- 
fying bacteria and decreases the activity of 
denitrifying bacteria. 

The natura! processes changing atmospheric 
nitrogen into compounds of nitrogen needed by 
plants and the decomposition of nitrogenous 
compounds by different agencies leading to the 
return of free nitrogen into the atmosphere is 
called nitrogen cycle. The flow chart given in 
Fig. 13.11 shows this cycle which maintains a 
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Symbiotic bacteria 


Nitrogen —___—__—______»_ Plants 


{in leguminous plants) 


Lightning and rain 
Denitrifying bacteria 


Nitrifyin 
Nitrates a be 
bacteria 


Nitrites 


Food as proteins 


> 
2. 
3 
a 
a 


Death, decay and 
excretion 


Nitrosifying 
———— ee Ammonia 
bacteria 


FIG. 13.11. The nitrogen cycle. 


balance between nitrogenous compounds in the 
soil and the nitrogen present in the atmosphere. 


13.19 Artificial Fertilisers 


Fertilisers are compounds needed to increase 
the fertility of the soil. Fertility depends to a 
great extent on the presence of certain elements 
in the soil. Nitrogen is the most important of 
them. The losses of nitrogen in the soil are 
made up by putting in nitrogenous fertilisers 
such as ammonium nitrate, ammonium sulphate 
and urea. These are prepared from ammonia as 
follows. 
NH3+HNO3 — NH4NO3 


ammenium 
nitrate 


2NH3+H2SO4 > (NH4)2SO« 
ammonium 
sulphate 
150°C 
2NH3 + CO2 ORE (NH2)2CO + H20 


150 atm urea 


Potash fertilisers are also necessary for the 


development of plants. Important potash ferti- 
lisers are potassium nitrate and potassium 
sulphate. 

Phosphorus gives strength te the plants and 
also helps in ripening of fruits. Calcium phos- 
phate, found as a mineral, is not soluble in 
water and hence cannot be assimilated by the 
plants. Super phosphate fertiliser, which is a 
mixture of soluble calcium dihydrogen phos- 
phate and calcium sulphate, is prepared by re- 
acting concentrated sulphuric acid with calcium 
phosphate. 

Ca3(POs)2 + 2H2S04 > Ca(H2PO4)2 + 2CaSO4 
——— — ee 


super phosphate 


The importance of trace elements, required 
in minute quantities for healthy growth of 
plants, should not be forgotten. These elements 
are calcium, magnesium, zinc, iron and sulphur. 

The fertilisers should be stable compounds 
and should be soluble in water. Too much dose 
of artificial fertilisers should be avoided. There 
should be plenty of moisture when fertilisers 
are added to the soil. 


PROBLEMS 


1, (a) How does nitrogen obtained in the laboratory 


differ from nitrogen obtained from liquid air? 


(b) Name two compounds of magnesium formed 


when the metal is burnt in air. Write equations 
for the reactions. 


2. (a) Why is nitric acid not manufactured from 
atmospheric nitrogen? 
(b) How is ammonia obtained from a: nitride? 
Write the equation for the reaction. 
3. (a) How is ammonia prepared in the laboratory? 
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(b) Why is ammonia not dried by concentrated 
sulphuric acid or anhydrous calcium chloride? 

4. (a) Mention three uses of nitrogen. 

(b) State three conditions for the manufacture of 
ammonia by Haber’s process. 

5.. (a) What happens when sodium hydroxide solu- 
tion is heated with ammonium sulphate? Write 
an equation for the reaction. 

(b) How will you test the gas produced in the 
above reaction? 

6.(a) Describe the 
ammonia. 

(b) State three large scale uses of the gas. 

7. (a) State conditions for the oxidation of ammonia 

in presence of a catalyst. Name the catalyst. 
(b) Describe an experiment to show that ammonia 
acts as a reducing agent. 

8. (a) How is nitric acid prepared in the laboratory? 

(b) A bottle of concentrated nitric acid turns pale 
yellow. Explain why this is so. 

9. (a) How is nitric acid prepared on a large scale? 

(b) Mention three uses of nitric acid. 

10, The reaction of nitric acid depends upon the con- 
centration of the acid. Give examples, along with 
equations, to illustrate the reaction of the acid. 

11, (a) Why does aluminium not react with nitric 

acid of any concentration? 
(b) How would you prepare potassium nitrate 
using three different compounds of potassium? 

12. (a) Describe an experiment to show extreme solu- 

bility of ammonia in water. 
(b) Describe two experiments to show that nitric 
acid acts as an oxidising agent. 

13. Describe all that you would observe when potas- 
sium nitrate and lead nitrate are separately heated 

~ in test tubes, Write equations for the reactions, 


industrial preparation of 
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14. (a) Why is lead nitrate preferred to copper nitrate 


for preparing nitrogen dioxide in the labora- 
tory? 
(b) What happens when ammonium nitrate is heat- 
ed? Give the equation for the reaction. 
15. (a) Mention two natural ways by which nitrogen 
is removed from the atmosphere. 
(b) Describe two ways by which ammonia is form- 
ed in the soil. 
16. (a) Discuss the action of different bacteria present 
in the soil. 
(b) What do you understand by fixation of atmos- 
Pheric nitrogen? 
17. (a) What are fertilisers? 
(b) Describe one method each for producing a 
nitrogenous fertiliser, a phosphate fertiliser and 
a potash fertiliser. Write equation for each. 
18. (a) Describe the ring test for nitrates. 
(b) How would you distinguish between nitrous 
oxide and nitric oxide (nitrogen monoxide)? 


19, Fill in the blanks in the following. 


(a) When lead nitrate is heated, the residue left 
jp, . The gases formed are 
andi, 

(b) When ammonia burns in oxygen, the gases 
formed are ———___and__, 

(c) The property of sulphuric acid which is used in 
the laboratory preparation of nitric acid is its 
—_——_—_nature. 

(d) All glass apparatus is used in the preparation 
of nitric acid because the acid attacks 
and———___, 

20. (a) How would you prepare nitrogen from ammo- 
nium chloride? 

(b) Give threé differences between chlorine and 
ammonia gas. 
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Sulphur and Its Compounds 


The yellow element sulphur was known at least 
4000 years ago.. Its compounds, particularly 
sulphuric acid, are used in so. many industries 
that the annual consumption of sulphur is often 
regarded as an indication of the chemical wealth 
of a country. 


14.1 Allotropes-of Sulphur 


Sulphur occurs in two crystalline forms. 


1, Rhombic or Octahedral or «-Sulphur 

Crush roll sulphur to powder and dissolve it in 
carbon disulphide in a clean evaporating dish. 
Allow the solution to evaporate at room tempe- 
rature. Carbon disulphide, a volatile liquid, 
evaporates leaving behind yellow crystals of 
rhombic sulphur (Fig. 14.1). The density of 
rhombic sulphur is 2.08 g/cm°. 


Se 


FIG. 14.1. Crystal of rhombic sulphur. 


2. Monoclinic or Prismatic or 8-Sulphur 


Take powdered sulphur in an evaporating dish. 
Heat until the sulphur melts, using a small flame 
to avoid burning of sulphur. Add sufficient 
amount of powdered sulphur so that the dish is 
almost full of molten sulphur. Allow the molten 
sulphur to cool. A thin solid crust is formed on 
the surface. Pierce two. holes at two widely 
separated points on the crust. Pour out the liquid 
below the crust and remove the crust with a 
knife. Needle-shaped crystals of monoclinic 
sulphur are seen in the dish (Fig. 14.2). The 
crystals are amber coloured, soluble in carbon 
disulphide and have a density of 1.98 g/cm. 


FIG. 14,2. Crystal of monoclinic sulphur. 


Transition Temperature 


Rhombic sulphur is stable below 96°C and 
monoclinic sulphur is stable above 96°C. This 
temperature is called the transition temperature 
of the two allotropes of sulphur. 
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14.2 Properties of Sulphur 


Physical Properties 


1. Sulphur is a yellow solid. A molecule of 
sulphur contains 8 atoms. These atoms are 
tightly bonded together in the form of a 
‘puckered ring’ (Fig, 14.3). 


105° 


FIG. 14.3, The puckered ring structure of 
sulphur molecule, 


2. It is insoluble in water and soluble in orga- 
nic solvents such as carbon disulphide, acetone 
and carbon tetrachloride. 

3, Action of heat: When crushed roll sulphur 
is heated out of contact with air the following 
changes take place. 


(a) At 115°C it melts and forms an amber- 
coloured liquid. 

(b) At 160°C, the liquid becomes much darker 
and very viscous. It cannot be poured out 
of the test tube. 

(c) Near the boiling point, 444°C, the liquid 
again becomes mobile and reddish-brown 
in colour, On heating further, yellow 
vapours of sulphur are given off. 


Chemical Properties 


1. BURNING IN AIR 
Heat some powdered sulphur in a deflagrating 
spoon. It melts to form a reddish-brown liquid 
which catches fire. It burns with a blue flame 
forming an extremely pungent gas, sulphur 
dioxide. 
$+0O2— SO2 


sulphur 
dioxide 


2. REACTION WiTH METALS 
Sulphur combines readily with most metals 


forming sulphides when a mixture of a metal 
and powdered sulphur is heated. 

Heat a mixture of finely divided iron and 
powdered sulphur in a hard glass test tube. A 
vigorous reaction takes place and a glow is ob- 
served. If the source of heat is removed, the 
glow continues. It is a highly exothermic reac- 
tion and produces light also. The residue left is 
a black solid, iron (ID) sulphide. 


Fe+S + FeS 
iron (II) 
sulphide 


A small part of iron remains uncombined and 
is an impurity in the iron (II) sulphide formed. 

When dilute hydrochloric acid is added to 
the black residue, a colourless gas smelling like 
Totten egg, is evolved. The gas is hydrogen 
sulphide. 


FeS + 2HCl > FeCl. + H2S 


14.3 Uses of Sulphur 


1. Sulphur is the raw material for the manu- 
facture of sulphuric acid. 

2, When rubber is heated with powdered sul- 
phur, the former becomes harder and tougher. 
This process iscalled vulcanisation of rubber. 
Vulcanised rubber is used in making tyres for 
vehicles. 

3. Sulphur is used in gun powder and in 
making matches. 

4. It is used as a germicide and insecticide 
for checking growth of fungus in plants. 

5. It is used in making many chemical drugs, 


SULPHUR DIOXIDE 


14.4 Laboratory Preparation 


1. Take sodium sulphite crystals in a round- 
bottomed flask and add dilute hydrochloric or 
dilute sulphuric acid through a thistle - funnel 
(Fig. 14.4). 
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Sod:um sulphite and 
Giute hyd¢recnioric acid 
\ 


Cardboard 


Sulphur dioxide 


Concentrated 
sulphuric acid 


FIG. 14.4. Preparation of sulphur dioxide from sedium sulphite. 


Warm the flask. Effervescence is observed 
and sulphur dioxide is produced, which is passed 
through a bottle containing concentrated sulphu- 
ric acid to dry the gas, 


Na2SO3 + 2HCl > 2NaCl+H20 + SO2 


sodium hydro- 
sulphite chloric 
; acid 
(dilute) 
or 
Na2SO3 + H2SO4 — Na2SO4 + H20 + SO2 
sodium sulphuric sodium 
sulphite: acid sulphate 
(dilute) 


The gas is collected by downward delivery as 
it is heavier than air. It is an extremely pungent 
gas smelling like burning sulphur and turns 
acidic potassium dichromate paper green. 

2. Sulphur dioxide can also be prepared by 
heating copper turnings with concentrated 
sulphuric acid in a round-bottomed flask 
(Fig. 14.5). 

Cu + 2H2SO4-> CuSO4 + 2H20 + SO2 


conc. copper (il) 
sulphuric sulphate 
acid 
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The method of purification and collection is 
the same as described earlier. 


14.5 Properties of Sulphur Dioxide 


Physical Properties 

1, It is a colourless gas with an extremely 
pungent smell. 

2. It is readily soluble in water and its extreme 
solubility can be shown by the fountain 
experiment. 

3. It is poisonous and harmful to plants. 

4. It is denser than air, because its density is ~ 
32, much higher than air. 

5. At ordinary temperatures, sulphur dioxide 
can be liquefied at a pressure of 3 atmospheres. 


Chemical Properties 


1. ACTION ON WATER 


Sulphur dioxide turns damp blue litmus paper 
red. It forms sulphurous acid on reaction with 
water. 


SO. + H20 = H2S0; 


Copper turnings ‘and 
concentrated sulphuric acid 


Cardboard 


Sulphur dioxide 


Concentrated 
sulphuric acid 


FIG, 14.5. Preparation of sulphur dioxide from copper and sulphuric acid. 


Sulphur. dioxide is, therefore, anhydride of 
sulphurous acid which is an unstable acid and 
decomposes on heating, 


2, ACTION ON ALKALIS 


The gas neutralises alkalis. 

(a) If excess of sulphur dioxide is bubbled 
through an alkali such as sodium hydroxide 
solution, sodium hydrogen sulphite is formed, 

SO2 + NaOH + NaHSO; 
sodium 
hydrogen 
sulphite 

(b) If the alkali is in excess, a sulphite is 
formed. 

2NaOH + SO2 -> Na2SO3 + H2O 


sodium 
sulphite 


3. REDUCING PROPERTY 


Sulphur dioxide is a: strong reducing agent. Jt 
is itself oxidised to sulphuric acid by gain of 
oxygen, 


(a) When sulphur dioxide is bubbled through 
a solution of chlorine in water, the gas is ab- 
sorbed. The pale green solution of chlorine water 
turns colourless forming a mixture of dilute 
hydrochloric and sulphuric acid. Chlorine is 
teduced to hydrochloric acid by gain of 
hydrogen. 

Ch + 2H20 + SO2 > 2HCI + HoSQ, 

(6) When sulphur dioxide is bubbled through 
concentrated nitric acid, reddish-brown fumes 
of nitrogen dioxide are evolved. The acid is 
reduced to nitrogen dioxide by loss of oxygen. 

2HNO; + SO2-—> H2SO4 + 2NO> é 

(c) A solution of potassium dichromate in 
dilute sulphuric acid turns green on reacting 
with sulphur dioxide. This reaction can be used 
as a test for sulphur dioxide. 


K2Cr07 + 3802 + H2SO,4 


potassium 
dichromate 
—> K28044 Cro(SO4)3 ++ H20 
chromium 
sulphate 


136 


The green colour is due to chromium ions. 


4. OXIDISING PROPERTY 

In some reactions sulphur dioxide also acts as 
an oxidising agent, It is itself reduced to sulphur 
by loss of oxygen. 


(a) In presence of water vapour, a catalyst, 
hydrogen sulphide is oxidised to yellow particles 
of sulphur by loss of hydrogen. 


2H2S + SO2 > 2H20 + 3S 


(b) Heated magnesium gets oxidised to give 
white particles of magnesium oxide and yellow 
particles of sulphur. 


2Mg + SO2 > 2MgO + S 


5. BLEACHING PROPERTY 

Sulphur dioxide is not as strong a bleaching 
agent as chlorine. Hence it is only used to bleach 
delicate materials. 

Dry sulphur dioxide does not bleach. In 
presence of water, sulphur dioxide forms sul- 
phurous acid. The acid readily accepts oxygen 
from the colouring matter and turns it colour- 
less. 


SO2 + H20 — H2S03 


H2SO3 + O (from dye) > H2SO4 +colourless 
compound 


Thus sulphur dioxide bleaches by reduction 
(removal of oxygen from the dye). Bleaching 
by sulphur dioxide is not so permanent because 
the material bleached is slowly oxidised by 
atmospheric oxygen. Straw bleached by sulphur 
dioxide, slowly turns yellow. 

Comparison of Bleaching Actions of Chlorine 
and Sulphur Dioxide 

1, Both sulphur dioxide and chlorine act as 
a bleaching agent in presence of water. Dry 
gases do not bleach. 

2. Chlorine is a more powerful bleaching 
agent than sulphur dioxide. 

3. Bleaching by chlorine is by oxidation when 
oxygen combines with the dye to render the 


article colourless. Bleaching by sulphur dioxide 
is by reduction. Oxygen is removed from the 
dye to change the article to a white substance. 

4. The bleaching by chlorine is permanent 
but the bleaching by sulphur dioxide is tempo- 
rary. A substance bleached by sulphur dioxide 
gradually regains its original colour by combin- 
ing with oxygen of the air. 


14.6 Uses of Sulphur Dioxide 


1. It is mainly used in the manufacture of 
sulphuric acid. 

2. It is used as a bleaching agent. It is used 
to bleach silk, wood pulp (for paper) and straw. 

3. It is used as a germicide. It kills bacteria 
and fungi. ae 

4. It is used to preserve fruits because it pre- 
vents oxidation which destroys the fruits. 

5. It is used in refrigerators as a substitute 
for ammonia as it is readily liquefied under 
pressure. 


SULPHUR TRIOXIDE 


14,7 Laboratory Preparation 


Sulphur dioxide, prepared in the laboratory, is 
dried by passing through concentrated sulphuric 
acid, Air is freed from dust particles and carbon 
dioxide. It is also dried by passing through 
concentrated sulphuric acid. 

Dry sulphur dioxide is, mixed with the puri- 
fied and dried air. The mixture is passed 
through a tube.containing vanadium pentoxide 
(V20s) or platinised asbestos heated to a tempe- 
rature of 450°C to 500°C (Fig. 14.6). 

Under these conditions almost the whole of 
sulphur dioxide changes to sulphur’ trioxide 
which is collected as white crystals in a bottle 
cooled by freezing mixture. Anhydrous calcium 
chloride keeps the bottle dry. 


2SO2 + O2 —> 2803 
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Sulphur dioxide 


Concentrated 
sulphuric acid 


Vanadium (V/) oxide or 
platinised asbestos 


Anhydrous 


Wide tube calcium chloride 


Freezing mixture 


Ni 
inh Sulphur trioxide 


FIG. 14.6, Preparation of siilphur trioxide. 


14.8 Properties of Sulphur 
Trioxide 
1. Sulphur trioxide is a volatile white crystal- 
_ line solid. 
2. It reacts vigorously with water forming 


sulphuric acid. Hence sulphur trioxide is the 
anhydride of sulphuric acid. 


SO3 + H2.0 — H2SO, 
The reaction with water is highly exothermic, 


SULPHURIC ACID 


Sulphuric acid has been known for a long time. 
It was originally prepared from iron (II). sul- 
phate (green vitriol). Because of its oily and 


viscous appearance, it was known as oil of 
vitriol. 


14.9 Manufacture of Sulphuric Acid 
by Contact Process 


Sulphur or sulphide ores such as iron pyrites 
are burnt in excess of air when sulphur dioxide 
is formed, 


$+O2— SO2 

4FeS2 + 1102 > 2Fe2.03 + 8802 
iron iron (II) 

pyrites oxide 


The mixture of sulphur dioxide and air is 
passed through a purifier which consists ‘of an 
electrostatic _precipitator, consisting of a 
chamber with wires at high electrical potential. 
The electric charge attracts solid particles which 
are removed. The gas mixture is then washed 
with water to remove any solid particles left, A 
spray of concentrated sulphuric acid removes 
water vapour. 5 
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The purified and dried mixture of sulphur 
dioxide and air is passed through a chamber 
containing platinised asbestos or vanadium 
pentoxide heated to a temperature of 450°C to 
500°C. Sulphur dioxide is oxidised to sulphur 
trioxide. 

2SO2 + O2— 2803 

Sulphur trioxide is cooled in a heat exchanger 
and is then absorbed into 98% sulphuric 
acid. Sulphur trioxide is not directly ab- 
‘sorbed in water because a lot of heat is pro- 
duced forming misty droplets of sulphuric. acid. 
This is injurious if inhaled. With sulphuric acid 
sulphur trioxide forms a fuming liquid called 
oleum. 

H2SO4 + SO3 — H28207 
oleum 

Oleum is carefully diluted with a calculated 
amount of water to give concentrated sulphuric 
acid (98% sulphuric acid). 

H2S207 + H20 — 2H2SO04 


Platinum is more efficient as a catalyst than 
vanadium pentoxide, but is more expensive. It 
also gets easily poisoned by impurities such as 
arsenic (III) oxide. 

Vanadium pentoxide, though less efficient, is 
cheaper and its efficiency is not so much affected 
by impurities. 


14.10 Properties of Sulphuric 
Acid 
Physical Properties 

1. It is a thick colourless liquid and has a 
density of 1.84 g/cm’. 

2. It is a hygroscopic liquid and readily ab- 
sorbs water vapour from the atmosphere. If a 
beaker of concentrated sulphuric acid is kept 
exposed to air for a few days, the level of the 
liquid goes up:because of absorption of water 
vapour from the air. 

3. A lot of heat is produced when concen- 
trated sulphuric acid is diluted with water. 
Hence water should never be added to concen- 
trated sulphuric acid; otherwise it may spray 
the acid all around. For diluting, the acid is 
slowly added to water with constant stirring and 
cooling. 


Chemical Properties 


1. BAsicitTy 


Basicity of an acid is the number of hydronium 
ions produced by one molecule of the acid when 
it is dissolved in water. 

Pure H2SOz is not an acid. It does not turn 
dry litmus paper red, nor does it conduct elec- 
tricity, When some water is added to it, hydro- 


Concentrated 


sulphuric acid Catalyst 


Water 


Electric 


precipitator Cooler [017777 


Sulphur or 
iron pyrites 
\ 


Burner 


98% sulphuric 
acid 


Heat exchanger for 
cooling the gas 


Vanadium pentoxide or 
platinised asbestcs 


FIG. 14.7. Manuracture of sulphuric acid by the contact process. 
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nium ions and sulphate ions are formed. The 
hydronium ions (430+) which in effect act as 
hydrogen ions (H*) give the acidic property. 
The diluted solution also conducts electricity 
because of the ions. 


H2S04+2H20.-> 2H30* + $037 


Since one molecule of sulphuric acid produ- 
ces two hydronium ions, it is a dibasic acid. 
Hydrochloric and nitric acids are monobasic 
acids. 
2. NON-VOLATILE ACID 
Concentrated sulphuric acid is a non-volatile 
acid. On reacting with a chloride, it produces 
the volatile hydrogen chloride. With a nitrate it 
produces the volatile nitric acid. The principle 


is used in the laboratory preparation of hydro- 
gen chloride and nitric acid. 


NaCl+ H2SO4 > NaHSO4+HCI 
NaNO3+ H2SO4 > NaHSOq+ HNO; 


3. OxipisING AGENT 


(a) Heat powdered charcoal with concentrated 
sulphuric acid. Carbon is oxidised to carbon 
dioxide by gain of oxygen and sulphuric acid is 
teduced to sulphur dioxide by loss of oxygen. 


C+2H2SOs > CO2+2S02-+2H:0 


(b) Heat powdered sulphur with concentra- 
ted sulphuric acid. Sulphur is oxidised to sul- 
phur dioxide by gain of oxygen and sulphuric 
acid is reduced to sulphur dioxide by loss of 
oxygen. 


S+2H2S804 > 3802+ 2H20 


4, DEHYDRATING AGENT 


Concentrated sulphuric acid has great affinity 
for water. It remoyes the elements of water 
from other compounds and hence acts as a 
dehydrating agent. Its reaction with water is 
exothermic. 


(a) Add a few drops of concentrated sul- 
phuric acid to blue coloured crystals of copper 
(II) sulphate. After some time you would observe 


that white anhydrous copper (II) sulphate is left 


as a residue at the bottom of the test tube. The 


test tube becomes hot due to exothermic nature 
of the reaction. 


CuSO4-5H20 + (nH2SO4) > CuSO4+(5H20 + 


nH2S0Ox4) ‘ 


blue white 


Note: The letter n indicates that a fixed quan- 
tity of acid is not used. 


(b) Add concentrated sulphuric: acid to few 
crystals of cane sugar. The sugar is charred 
producing biack spongy mass of carbon which 
rises up. Steam is given off and the whole mass 
becomes very hot due to an exothermic reac- 
tion. 


Ci2H220 1 +(nH2SO4) > 12C + (1120 +4 nH280,) 


cane sugar 


Similar reactions take place with glucose and 
cellulose (e.g. cotton). The dehydrating property 
of concentrated sulphuric acid accounts for 
rapid and serious burning of the skin if it comes 
in contact with the acid. 


5. ACIDIC PROPERTIES 
(a) Dilute sulphuric acid neutralises a base to 
form a sulphate and water. 


CuO +H2S04—- CuSO, +H20 


copper (II) copper (ii) 
oxide sulphate 
2NaOH + H2SO04 > Na2SO4+2H20 
sodium sodium 
hydroxide sulphate 


(b) On reacting with a carbonate, the dilute 
acid forms a sulphate, water and carbon 
dioxide. 


Na2CO3+ H2S04 -> Na2SO4+H20+CO2 
sodium sodium 
carbonate sulphate 


(c) Metals above hydrogen in the reactivity 
series form a sulphate and hydrogen on reacting 
with dilute sulphuric acid. 
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14.11 


Zn +H2SO4,—> ZnSOs +H2 
zinc zinc 
sulphate 


Fe +H2SO4 —> FeSO4+ H2 
iron iron (1) 
sulphate 


4. In the manufacture of paints and pigments. 
5. In the manufacture of detergents. 


14.12 Test for Sulphates 


Prepare the solution of the sulphate in water 
or dilute nitric or hydrochloric acid. To this 


solution add barium chloride solution. A white 


Uses of Sulphuric Acid 


1. Most of the sulphuric acid is used in the 
manufacture of fertilisers suchas superphos- 
phate and ammonium sulphate. 

2. Manufacture of rayon, dyes and plastics. 


3. In lead accumulators. 


1. (a) 


(b) 
2. (a) 


(b) 


v 


3. (a) 
(b) 


4. (a) 
(b) 
5. (a) 


(b) 
6. (@) 


(b) 


precipitate of barium sulphate is formed. 


s02- + Ba2t > BaSOs 


from from barium 
sulphate barium sulphate 
salt chloride 


The white precipitate is insoluble in hydro- 


chloric or nitric acid. 


PROBLEMS 


Mention two crystalline allotropes of sulphur. 
Give three differences between the two varie- 
ties. 
How would you show that these are different 
forms of sulphur? 
Describe all that you would observe when 
sulphur is heated in a test tube. 
What will you observe when sulphur is burot 
in a spoon? What happens when the product 
formed on burning is dissolved in water? 
State three large scale uses of sulphur. 
What would you observe when iron filings are 
heated with sulphur and the product is heated 
with dilute hydrochloric acid. 

Write equations for the reactions mentioned 
above. 
How would you prepare monoclinic sulphur? 
What is transition temperature? 
How is sulphur dioxide prepared in the Jabora- 
tory from sodium sulphite? 
How is sulphur dioxide gas tested? 
Describe the reaction of sulphur dioxide on an 
alkali. 
Describe one reaction to show that sulphur 
dioxide is an oxidising agent and one reaction 
to show that it acts as a reducing agent. 


7. Describe the following reactions and write an 
equation for each reaction. 


(a) 
(b) 


Sulphur dioxide is bubbled through chlorine 
water. 

A jar of sulphur dioxide is inverted over a jar 
of hydrogen sulphide in presence of a catalyst 
Name the catalyst you will use. 
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14. (a) 


15. (a) 


8. (a) How does sulphur dioxide act as a bleaching 


agent? — 
(b) Compare the bleaching actions of chlorine and 
sulphur dioxide. 


9. (a) Give the conditions for changing sulphur 


dioxide to sulphur trioxide. 
(b) Why should sulphur trioxide not be absorbed 
directly into water? 


10. (a) Describe the contact process for manufactur- 


ing sulphuric acid. 
(b) Give three large scale uses of the acid. 


11. Describe reactions to show that 


Concentrated sulphuric acid is a non-volatile 
acid, 
Concentrated sulphuric acid acts as a dehydra- 
ting agent. 
Concentrated sulphuric acid is an oxidising 
agent. 

Write equation for each reaction. 
Describe the test for sulphate ions. 
Write three equations to show that sulphuric 
acid is an acid. 


(a) 
(b) 
(c) 


13, Compare the use of platinum and vanadium pent- 


oxide in the contact process. 

What happens when dilute sulphuric acid is 
added to iron sulphide? Write an equation for 
the reaction, 

Is only one gas produced in the above reac- 
tion? Give reasons for your answer. 

Define allotropy. 

How is rhombic sulphur prepared frora pow- 
dered sulphur? 


(b) 


(b) 
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Metals and Their Extraction 


15.1 Metals 


Elements can be divided into two distinct groups 
metals and non-metals. These have their own 
characteristic properties. There are certain ele- 
ments which are in between metals and non- 
metals. These exhibit few metallic and few non- 
metallic properties and are called metalloids. 
Arsenic, antimony and germanium are examples 
of metalloids. 

A metal is defined as an element which can 
form positive ions by loss of electrons, The num- 
ber of electrons lost by one atom of a metal to 
form positive ions is equal to the valency of the 
metal. Hence the number of units of Positive 
charge carried by the ions is equal to its 
valency. 

Sodium atom loses one electron, calcium loses 
two electrons and aluminium loses three elec- 
trons to form the respective positive ions: The 
ion of sodium carries one unit of positive 
charge, the ion of calcium carries two units of 
positive charge and aluminium carries three 
units of positive charge. 


Na-—e- > Nat 
Ca-2e- —> Ca2+ 
Al-3e- > AB+: 


When an atom of copper loses one electron, 
it forms copper (1) ion (cuprous) and when an 


atom of copper loses two electrons, it forms 
copper (II) ion (cupric). 


Cu-e- > Cut 
Cu 2e- > Cu?+ 


15.2 Properties of Metals 


Physical Properties 


1. Metals are good conductors of heat and 
electricity. 

2. They possess metallic lustre. 

3. They are malleable (can be hammered 
into sheets) and ductile (can be drawn into 
wires). 

4. They are generally hard and strong. 

5. They have a high density and high melting 
point. 


Metals are generally solids. Mercury is the 
only metal which is liquid at room tempera- 
tures. Gallium changes to liquid when handled. 


Chemical Properties 


1. Generally metals form basic oxides. 

2. Metals above hydrogen in the Teactivity 
series react with dilute hydrochloric and sul- 
phuric acids to form hydrogen. 

3. Their chlorides are ionic, e.g. Na*Cl-, 


Ca?*(Cl-)2, and conduct electricity when in the 


molten state. 
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satiaceten’ +d) semis" = 
sie Hy 


4. They ionise by loss of electrons. Hence 
metals are reducing agents. 


15.3 Non-metals 


A non-metal is an element which ionises by gain 
of electrons to form negative ions. The number 
of electrons gained by one atom of a non-metal 
to form a negative ion is equal to its valency. 
Hence the number of units of negative charge 
carried by an ion is equal to its valency. 

Chlorine atom gains one electron to form the 
chloride ion. Oxygen atom gains two electrons 
to form an ion of oxygen. 


Cl+e- > Cl- 
O+2e- > OF- 


15.4 Properties of Non-metals 


Physical Properties _ 

1. Non-metals exist as solids, 
gases at room temperature. 

2. They are poor conductors of heat and 
electricity.. Graphite, an allotropic form of 
carbon, however conducts electricity. 

3. They have a dull appearance. 

4. They are generally brittle when in solid 
state, ie. they break into pieces when 
hammered. 

5. They generally have low density and low 
melting point. 

6. They are comparatively soft. 


liquids or 


Chemical Properties 

1. Non-metals form oxides which are usually 
acidic, Some non-metals form neutral oxides. 

2. They do not react with dilute hydrochlo- 
ric or sulphuric acids. 

3. They form covalent chlorides, e.g. CCls, 
HCl, which do not conduct electricity in liquid 
state. 

4, Since they ionise by gain of electrons, 
non-metals are generally oxidising agents. How- 
ever, carbon, though a non-metal, is a strong 
reducing agent. 
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15.5 Reduction of Metallic Oxides 


Carbon, carbon monoxide and hydrogen are 
reducing agents most commonly used for reduc- 
ing metallic oxides. 


1. The oxides of zinc and all metals below 
zinc in the activity series can be reduced by : 
carbon, Oxides of metals higher in the activity 
series require higher temperatures for reduc- 
tion. The temperature needed for reducing zinc 
oxide to zinc is about 1000°C and cannot be 
reached in the laboratory. 

ZnO +C > Zn+CO 
zinc 

oxide 

CuO +C—>Cu+CO 
copper (II) 

oxide 

2, Hydrogen and carbon monoxide can 
reduce oxides of iron and all metals below iron 
in the activity series. The gases are passed over 
the heated oxide. 

Fe.0; +3CO > 2Fe+3COz 
iron (IIT) 
oxide 
CuO +H2-> Cu+mhO 
copper (II) 
oxide 

3. Oxides of more reactive metals can be 
reduced only by the passage of electricity 
through the molten mass. In the electrolysis of 
aluminium oxide, aluminium is deposited at the 
cathode. 

A+ +3e7 > Al 

This is a reduction reaction as it involves 
gain of electrons. 

4, Oxides of mercury 
by heat alone. 

2HgO —> 2Hg+02 
mercury (II) 
oxide 
2Ag20 > 4Ag+O2 
silver 
oxide 


and silver are reduced 


15.6 Action of Air 


_ Metals generally react slowly with air to form 
the oxides, 

1. The more reactive Metals, e.g. sodium and 
potassium, first form oxides which react with 
water vapour present in the air to give hydro- 
xides, The hydroxides slowly absorb carbon 
dioxide of the air to give carbonates. A white 
Solid deposit is thus formed. 

4Na+0O2 > 2Na,0 
Na20 +H20 > 2NaOH 
2NaOH + CO; > Na2xCO3+H2O 


2. Calcium, Magnesium, aluminium and zinc 
tarnish in moist air to form a thin deposit of 
their oxides. 

2Mg + O, > 2Mg0O 
4Al + 302 > 2A1,0; 

3. Iron rusts in Presence of moist air to form 
a brown powder which is mainly hydrated 
iron (III) oxide, 2Fe203-3H2O, 

4. Lead is attacked by air and water, A white 
deposit is formed on the surface of the metal 
Which is a mixture of lead hydroxide and lead 
carbonate, called basic lead carbonate, 


Pb (OH)2-2PbCO3, 


3Cu(OH)2+CuCh, 


In other places the green solid is basic copper (II) 
sulphate, 3Cu (OH)>- Cusd,, 


15.7 Extraction of Metals 


Occurrence 


Metals occur in nature in the form of com- 
pounds called minerals, which are mixed with 


minerals are called gangue. The mixture of the 
mineral and the gangue is called ore. It is from 
the ores that metals are extracted. Silver, gold 
and platinum are called noble metals. They are 
chemically inactive and do not corrode. Gold is 
found almost entirely as a free element in nature. 

The ores of active metals usually contain 
chlorides or carbonates. The ores of the metals 
aluminium to silver in the activity series usually 
contain oxides and sulphides, and sometimes 
carbonates, 


Extraction 


The method of extraction of a metal depends 
on the ease with which the oxide of the metal 
can be reduced to the metal. The oxides of less 
Teactive metals can be reduced by carbon. The 
oxides of more reactive metals can be reduced 
by electrolysis only. It is due to this reason that 
the reactive metals, such as aluminium (extrac- 
ted for the first time in 1855), could only be 
commercially extracted after the introduction 
of electrolysis by Davy in 1807. Potassium, 
sodium, caloium and Magnesium are extractea 
by the electrolysis of their molten chlorides. 

When electricity passes through molten sodium chlo- 
ride (rock salt), sodium ions are discharged at the cathode 
by gain’ of electrons ( teduction reaction) : 

Nat + e- — Na 

Molten sodium floats On the surface of the fused sodium 
chloride. 

The chloride ions are discharged (oxidation reaction) at 
the anode, give up their electrons and become atoms of 
chlorine which combine in Pairs to form molecules of 


chlorine. The 8reenish-yellow chlorine gas is liberated 
around the anode : 


oe -a;ca+a—c, 


In the extraction of Sodium the anode is made of gra- 
Phite and the cathode of steel. A small amount of CaCl, is 
added to lower the Melting point of NaC! from 800°C to 
600°C. 


Similar reactions take place in the extraction of potas- 
sium, calcium and magnesium from their molten chlor- 
ides. 
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IRON 


15.8 Occurrence 


Iron makes up about 5% of the earth's crust. 
It has been known to human beings for a long 
time. In fact, the Jron Age in history dates back 
to 1500 B.c. Even today the metal is of immense 
importance and it has a profound effect upon 
the development of a country. 

The chief ores of the metal are as follows. 


1. Haematite is impure iron (III) oxide, 
Fe203. 

2. Magnetite or magnetic ore of iron is impure 
Fe304. 

3. Spathic iron ore or siderite is impure iron 


(II) carbonate, FeCO3. 


15.9 Extraction 


1. CALCINATION 


The ore is first roasted in air. Water and vola- 
tile impurities are driven off. 


2. SMELTING IN BLAST FURNACE 


After calcination the ore is mixed with coke 
and limestone. The mixture is charged into a 
blast furnace (Fig. 15.1) from the top. 

The blast furnace is a tall steel shell having 
an inside firebrick lining. It is about 30m high 
and 9m in diameter at the widest part. Pre- 
heated air under pressure and at about 800°C 
is forced up the furnace through tubes called 
tuyeres near the base of the furnace. A well with 
two outlets holds the molten iron and slag. The 
upper outlet is meant for the molten slag which 
floats on the molten iron. Molten iron can be 
tapped out through the lower outlet. The slag 
hole is opened first to remove the molten slag 
and the molten iron is then drained out into 
large containers. 


3. CHEMISTRY OF REACTIONS 
(a) The oxygen in the air blast from the tuyeres 


burns the hot coke in the lower part of the 
furnace to form carbon dioxide. 


C + O2> CO2 


A large amount of heat is liberated because 
of the exothermic nature of the reaction. This 
heat keeps up the high temperature necessary 
for the reduction of the iron oxide. As carbon 
dioxide is forced up higher in the furnace, the 
amount of air becomes less and the carbon 
dioxide is reduced by white hot coke to form 
carbon monoxide. 


CO. + C+ 2CO 


At about 600°C carbon monoxide reduces 
iron oxide to form metallic iron and carbon 
dioxide. ; 


Fe203 + 3CO > 2Fe + 3CO2 


haematite 


Fe304 + 4CO > 3Fe + 4CO2 
magnetite 


Iron descends to the hottest region near the 
tuyeres and dissolves carbon from the coke 
which lowers its melting point. The metal 
changes completely into liquid and is collected 
in the well at the base of the furnace. 


(b) Action of limestone: In the region of the 
furnace where the temperature is about 1000°C, 
the limestone decomposes into calcium oxide 
and carbon dioxide. 


CaCO3 + CaO + CO2 


The main impurity in the iron ore is sand 
(silicon dioxide, also called silica) which has a 
high melting point and would not change to 
liquid in the furnace. Calcium oxide, obtained 
from limestone, is a basic oxide. It reacts with 
silica, an acidic oxide, to form the molten cal- 
cium silicate referred to as slag. 


CaO + SiOz > CaSiO3 
sand calcium 

silicate 

(slag) 
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A substance, such as limestone in this case, 
which removes the impurities by forming a 
compound of lower melting point is called a 
flux. The molten slag has a lower density than 
molten iron and does not mix with it. It is 
tapped out first. It is allowed to: harden, crush- 
ed and then used in building roads. It can also 
be blown into a woolly material and used for 
insulation. 

Haematite, coke 
and limestone 
Waste gases 


Device 
for Icading 


Fe,0,+4CO ~ 3Fe+ 4co, 
Fe,0,+3CO— 2Fe+ 3CO, 


CC, + C~2¢0 
| C+0,+ co, 
mgs : 100°C Melting zone 
Hot air . Hot air 
Slag we 
Molten iron 


FIG. 15.1. Extraction of iron, 


Once the blast furnace is started, it keeps 
going for months until Tepairs become necessary, 

The iron obtained from the blast furnace is 
known as cast iron or pig iron. Besides iron it 
contains about 4°% of carbon and small quan- 
tities of sileon, Phosphorus, manganese and 
sulphur. 


15.10 Properties of Cast Iron 


1. Cast iron melts at a lower temperature 
(1200°C) than pure iron. 
2. It is brittle. 


3. Since it has little tensile Strength, it cannot 
be welded. 

4. It expands when the molten metal is allow- 
ed to solidify. Hence it is used for making well- 
defined castings from moulds, 

5. It does not rust easily and hence it is used 
for making drain pipes, lamp posts and railings, 


STEEL 


Steel contains from 0:15 to 1.5% of carbon and 
very small quantities of some other impurities 
such as manganese, Phosphorus and sulphur 
should not be present in steel because these ele- 
ments make the steel brittle. About 90°% of cast 
iron obtained from the blast furnace is convert- 
ed into steel. This is done by the Bessemer pro- 
cess Outlined below. 


15.11 Bessemer Process 


The Bessemer conyerter is an egg-shaped furnace 
made by steel plates. It has a basic lining of 
calcined dolomite (CaO-MgO), It rotates on a 
horizontal axis, The converter has an open top 
and there are perforations, called nozzles, at the 
base. 

The Bessemer converter is kept in a horizontal 
position and partly filled with molten cast iron 
at about 1200°C. It is then turned to an upright 
Position as shown in Fig. 15.2. A strong blast 
of air is blown into the converter through the 
nozzles. The impurities of carbon, sulphur, 
Phosphorus, sileon and Manganese present in 
the blast furnace are oxidised. The temperature 
rises to 1900°C, 


S'+ O2.>.SO2 
2C + O2.> 2C0 
Si + O2 > SiO: 
2Mn + 02> 2MnO 
4P +502 —> P4Oi0 
Silicon dioxide and manganese oxide combine 


to form a slag of manganese silicate. Phosphorus _ 
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FIG. 15,2. The Bessemer converter. 


pentoxide reacts with the basic lining to form 
phosphate slag. Lime is added to assist in the 
formation of phosphate slag. 

When all the impurities are removed, the 
flame at the mouth of the converter: sinks. The 
slag, which floats over the molten iron, is pour- 
ed out. Requisite amount of spiegel, an alloy of 
iron, manganese and carbon, is added to get 
steel of the desired quality. 


Modifications in the Bessemer Process 

1. Instead of air, oxygen mixed with some 
carbon dioxide is sent through the nozzles in 
the converter to change cast iron into steel. 
Oxygen oxidises the impurities and carbon 
dioxide. checks the burning of nozzles and the 
oxidation of iron. 

The use of air isnow being discontinued 
because nitrogen of the airis retained by steel 
and makes it brittle. 


2. In the Linz-Donawitz (L-D) modification, 
the shape of the converter is the same but with 
a solid base (Fig. 15.3). Oxygen at 10 atmos- 
pheres is injected into the metal from a water 
cooled copper lance. Lime is also. added to help 
in the formation of slag. The reactions taking 
place are the same as described in the Bessemer 
process. The L-D process is faster and the steel 
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Compressed oxygen 
i 
a 
Basic lining 4_ water cooled lance 


Slag 


Molten cast iron 


-Horizonta! axle 
FIG, 15.3. The L-D converter. 


formed is less buittle because no nitrogen is 
injected into the metal. 


15.12 Properties and Uses of 
Steel 


The properties of steel depend on the amount of 
carbon present in it. 


(a) Mild steel: It contains between 0.15 and 
0.5% of carbon. It has a great tensile strength 
and is not very hard. It is used for making motor- 
car bodies, piping and nuts and bolts. 


(b) Hard steel: It contains between 0.5 and 
1.5% of carbon. It has great tensile strength 
and is hard. It is used for making tools. 

Steel rusts faster than cast iron. 


15.13 Hardening and Tempering 
of Steel 


Hard steel is further hardened by heating it to 
red heat (850°C) followed by plunging it into 
cold water. This process is called quenching. 
This makes steel extremely hard’but brittle. 

If the hardened steel is again heated toa 
temperature of about 250°C and then allowed 
to cool slowly, it retains its hardness but the 


brittleness disappears. This process is known as 
tempering or annealing of steel. 


15.14 Wrought Iron 


Wrought iron is the purest form ofiron. It con- 
tains only 0.12 to 0.25% of carbon and very 
small quantities of other impurities. The total 
impurities are not more than 0.5%. It is tough, 
more malleable and ductile and is used for 
making chains, railway couplings and orna- 
mental gates, etc. Its melting point is 1500°C, 
very close to the melting point of pure iron. 


ALUMINIUM 


15.15 Occurrence 


Aluminium is the third most abundant element 
in the earth’s crust. The important ores of the 
metal are the following. 


1. Bauxite, Al2O3-2H20 
2. Cryolite, NasAIF¢ 


15.16 Extraction 


The metal is mostly extracted from bauxite 
which contains about 60% aluminium oxide, 
the rest being sand and iron (III) oxide. Hall 
and Heroult, in 1885, developed the process for 
the extraction of aluminium. It involves the 
following steps, 


1, PURIFICATION OF BAUXITE BY BAYER’S 
PROCESS 


(a) Bauxite is powdered and dissolved under 
pressure in a hot concentrated solution of 
sodium hydroxide. Aluminium oxide is an 
amphoteric oxide and dissolves in sodium hydro- 
xide to form a solution of sodium aluminate. 


AlhO3 + 2NaOH + 2NaAlO2 + H20 
sodium 
aluminate 


Tron (111) oxide, sand and other impurities do 


not dissolve during this process and are removed 
by filtration. 


(b) Sodium aluminate solution is diluted with 
water in tanks and cooled. A little freshly pre- 
pared pure aluminium hydroxide is added to 
‘seed’ the precipitation of aluminium hydroxide. 


NaAIO2+2H20 - Al (OH); + NaOH 


The precipitate of aluminium hydroxide is 
filtered off, washed, dried and heated above 
1000°C to form pure aluminium oxide, also 
called alumina. 


2Al (OH)3 > AhO3s + 3H20 
aluminium aluminium 
hydroxide oxide 


The filtrate consists of sodium hydroxide 
solution and is again used to obtain sodium 
aluminate from bauxite. 


2. REDUCTION By ELECTROLYSIS 

Reduction of aluminium oxide is not possible 
by carbon, carbon monoxide or hydrogen 
because aluminium oxide is a very stable com- 
pound. Hall and Heroult independently develop- 
ed a method of reducing aluminium oxide by 
electrolysis. 

Aluminium oxide is dissolved in molten cryo- 
lite at about 900°C. The electrolytic cell consists 
of a rectangular iron box with graphite lining 
which forms the cathode. The anode, also of 
graphite, dips into the molten electrolyte 
(Fig. 15.4). 


Graphite anode 
\ 


Siphon 


Alumina in 
molten cryolite 


Pe et 


A 


Molten atumunium 


graphite 
FIG. 15.4. Electrolytic reduction of alumina, 
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Aluminium, in the molten state, is liberated 
at the cathode and sinks to the bottom of the 
cell from where it is siphoned out from time to 
time. 


AB++3e7 > Al 


Oxygen, from the molten alumina, is liberated 
at the anode and slowly burns away the anode 
forming carbon dioxide. 

20?-—4e— = :03 
C+O2 > CO2 

Cryolite serves the purpose of the solvent and 
remains unchanged, As the metal is removed, 
fresh amounts of pure alumina are added. The 
anode has got to be replaced from time to time. 
Cheap electricity must be readily available near 
the plant to make the process commercially 
viable. 


15.17 Properties of Aluminium 


1. Aluminium is a silvery white metal. It is 
highly malleable and ductile and is a good con- 
ductor of heat and electricity. 

2. Aluminium burns in air at about 800°C 
forming its oxide and nitride. 


4A1+302 > 2A1203 
QAI No > 2AIN 


aluminium 
nitride 
3. Goldschmidt Therimit process: Thermit is a 
mixture of three parts of iron(II!) oxide and one 
part of aluminium powder. An ignition mixture 
of potassium chlorate and magnesium powder 
is placed on the top of the thermit. A fuse of 
burning magnesium is inserted into the ignition 
mixture, which catches fire and ignites the 
thermit. 
A vigorous reaction takes place with the 
liberation of a large amount of heat. Iron(III) 
oxide is reduced to iron. 


Fes03 > 2A1=> AhO; “+ “2Fe 
iron (Lf) aluminium 
oxide oxide 


The liberation of a large amount of heat is 
due to the combination between aluminium and 
oxygen which isa highly exothermic reaction. 
A temperature of about 3000°C is achieved which 
melts the iron formed. This process is used for 
welding broken iron girders and rails. 


15.18 Uses of Aluminium 


1. Aluminium, being a good conductor of 
electricity, and lighter and cheaper than copper 
is used to make overhead cables for conveying 
electric power. To make the overhead aluminium 
cables stronger, the metal is woven around a 
central core of steel. 

2. Aluminium conducts heat well and is made 
passive by nitric acid. Hence it is used in mak- 
ing cooking utensils. 

3. Aluminium alloys, duralumin and magna- 
lium, are light-and strong. They are used in the 
construction of aircrafts. These alloys can also 
be used for the construction of bus and tube 
train bodies. 

4. Aluminium paint is used to prevent iron 
from rusting. Aluininium is more reactive and 
prevents oxidation of iron. 


ZINC 


15.19 Occurrence 


The main ores of zinc are as follows. 


1, Zine blende, ZnS 
2. Calamine, ZnCO3 
3. Zincite; ZnO 


15.20 Extraction 


When the ore used is zine blende, it is first con- 
centrated by the froth floatation process. 


CONCENTRATION OF SULPHIDE ORE 


In this process the ore is crushed to a fine pow- 
der and is put into a tank containing water. .” 
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little pine oil is added to the water. Compressed air 
is blown into the mixture taken in the tank. The 
earthy impurities (gangue) sink to the bottom of 
the tank. The sulphide ore particles rise up by 
mixing with the froth from where they are skim- 
med off. An acid is added to break up the froth. 
The concentrated ore is filtered and dried (Fig. 
15.5). 


Compressed air 


Froth containing 
sulphide ore 


Crushed ore, 
Pine oil + water 


Gangue 


FIG. 15.5. Froth floatation process, 


Extraction of the metal is done either by the 
concentrated zinc blende or by calamine as 
follows. 


1. Roasting 


The ore is roasted in air to convert it into an 
oxide. 


2ZnS + 302+ 27n0 + 2802 
(from zinc zinc oxide 
blende) 
ZnCO3 >ZnO + CO, 
(from _ 
calamine) 


The sulphur dioxide obtained from the sulphide 
ore is used to manufacture sulphuric acid. 


2. REDUCTION OF ZINC OxiDE 


The zinc oxide js mixed with Powdered coke. 
and briquettes (brick-shaped slabs) of the two 
are made. Pre-heated briquettes are fed into 
the top of a vertical retort heated to 1400°C 
Zinc oxide is reduced by the coke. The mixture 
of zinc vapour (boiling point of zine is 907°C) 
and carbon monoxide Pass through an outlet 
near the top of the retort (Fig. 15.6). 


Zn0+C+2n+Co 


Briquettes of 2nO and carbon 


Condenser 

— > 

Carbon menoxids 
and hot gases 


Moiten zinc 


Furnace heated 
by producer gas 


rm —» Residue 


FIG, 15.6. Reduction of zinc oxide in vertical retort. 


Molten zine is run out and solidified. Carbon 
monoxide is used to preheat the briquettes. 

Pure zinc can be obtained from the impure 
zinc produced earlier by redistillation. Granula- 
ted zinc is obtained by pouring molten zinc into 
water. 


15.21 Uses of Zinc 


1. Appreciable quantities of zinc are used to 
Protect iron and steel from Tusting. Zinc is more 
Teactive than iron and Protects the latter from 
oxidation, 

2. Zinc is fairly high in the electrochemical 
Series (which is almost similar to the reactivity 
Series of metals) and is used as the outer nega- 
tive electrode of dry cells. 

3. It is extensively used to make brass, an alloy 
of copper and zinc, 


MAGNESIUM 


Magnesium is extracted by the electrolysis of 
Molten magnesium chloride. The procedure is 


similar to the extraction of sodium from molten 
sodium chloride. 


15.22 Properties of Magnesium 


1. Magnesium is a light, Silvery-white metal. 
It tarnishes when exposed to the air due to the 
formation of a thin film of magnesium oxide. 
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2, It burns in air with a blinding white light 
forming a mixture of magnesium oxide and 
magnesium nitride. 

2Mg + Oz 2MgO 


magnesium 
oxide 


3Mg + N2-> Mg3N2 
magnesium 
nitride 
3. Heated magnesium reacts with steam to 
form magnesium oxide and hydrogen. 


Mg+H20 > MgO+H2 
15.23 Uses. of Magnesium 


1. Its principal use is in making alloys such 
4s duralumin and magnalium which are light 
and strong. They are used for construction of 
aircrafts and buses. 

2, Its low absorption of neutrons and machi- 
nability have led to its use in nuclear reactors. 

3. It burns with a dazzling white light and is, 
therefore, used in flares and fireworks. 

4. Magnesium, being more reactive, is used 
for the protection of pipelines and bodies of 


ships from corrosion. 
5, It is used asa deoxidant in extraction of 


metals such as uranium and titanium. 


LEAD 


Lead is extracted from its ore called galena, PbS, 
in the same way as zinc is extracted from zinc 


blende. 


15.24 Properties of Lead 


1. Lead is a soft grey metal. It leaves a black 
mark when rubbed on a piece of paper. It has a 
low melting point (327°C). 

2. It does not react with water or steam. 
Water containing dissolved air, however, reacts 
very slowly with lead forming lead(II) hydro- 
xide which is slightly soluble in water. Water 
containing dissolved lead hydroxide causes 
lead poisoning. 


3. Even though lead is above hydrogeniin the 
reactivity series, it does not react with dilute 
hydrochloric and sulphuric’acids because of the 
formation of insoluble lead chloride and lead 
sulphate respectively on its surface. These pro- 
tect the metal from further attack. 

4. It is not attacked by alkalis. 


15.25 Uses of Lead 


1. Lead is used in the manufacture of water 
and gas pipes because it is easily repaired and 
and joints are easily made, This is due to its 
softness and low melting point. It resists 
corrosion. 

2. It isa cheap and very dense metal with 
high absorbing power for subatomic particles 
and electromagnetic radiation. Hence it is used 
as a screen against radioactive radiation. 


3. It is unaffected by dilute sulphuric acid 
and alkalis. Hence it is used in the manufacture 
of electrical accumulators. 


4, It is used in making alloys such as solder 
and type metal. 


5. It is used in making lead compounds such 
as white lead (basic lead carbonate), which is 
used in paints. 


15.26 Alloys 


An alloy is a mixture of two or more metals or 
one or more metals and a non-metal. 

Metals are mixed in the molten state in fixed 
proportion by weight to form an alloy. Alloys 
are either intermetallic compounds or solutions 
of one metal in another metal, I 

The process of alloying is used to alter the 
properties of metals to suit certain applications. 
They are, in certain respects, more useful than 
their constituent metallic elements. For example, 
aluminium cannot be easily machined. This 
undesirable property is removed in duralumin, an 
alloy of aluminium with copper, magnesium and 
manganese. f 

Some of the useful alloys are as follows. 
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1. Alloy Steels 

(a) Stainless steel: It contains 73% iron, 18°% 
chromium, 8% nickel and 1% carbon by weight. 
It resists corrosion and is used in making cut- 
lery and utensils. 


(b) Tungsten steel: It contains 94% iron, 5% 
tungsten and 1% carbon. It is very hard and is 
used for making high speed cutting tools. 


(c) Manganese steel: It is very tough and 
is used in rock drills, 


2. Alloys of Copper 
(a) Brass: It is an alloy of copper and zinc 
in the ratio of 2:1 o0r7: 3 by weight. It is 
hard, resists corrosion and can by easily mach- 
ined. It is used for making cartridge containers, 
parts of watches and musical instruments, elec- 
trical goods and utensils, 


(b) Bronze: It was the first alloy to be used 
by man. It was known as long back as 1500 B.c. 
during the period in history referred to as the 
Bronze Age. It contains copper and tin in the 
ratio of 9 : 1 by weight. It is hard and’ resists 


(c) German silver: It consists of 50% copper, 
30% zine and 20% nickel. It has a high electri. 
cal resistance and is used in making resistors and 
electric heaters. 


3. Alloys of Lead 


(a) Solder: It contains 50% lead and 50% 
tin. It has a low melting point and alloys with 
soldered surfaces. It is used for joining metals 
and in making electric fuse wire. 


(b) Type metal: It contains 70% lead, 20% 
antimony and 10% tin. It has a low melting 
point, is fairly hard and expands on cooling. It 
is used for getting sharp impressions of type used 
in printing. 


4, Alloys of Aluminium 


(a) Duralumin: It contains 95% aluminium, 
4%, copper, 1°, Magnesium and manganese. It 
is light and strong. Itis used for making bodies 
of aircrafts, buses and tube trains. 


(b) Magnalium: It contains 90° aluminium 
and 10”, magnesium. It is light and strong. It 


corrosion. It is used for making bearings, ship is used for making balances, household applian- 
fittings and statues. ces and aircrafts. 
PROBLEMS 


1, (@) Define a metal anda non-metal, 

(b) Give three Physical differences and three chemi- 

cal differences between metals and non-metals. 
2. (a) Give two chemical Properties each to show that 
Copper is a metal and carbon is a non-metal. 

(b) How can zinc oxide, copper oxide and alumi- 
nium oxide be reduced? Write equations for 
the reduction of these oxides, 

- 3. (a) Copper, when exposed to moist air, is deposi- 
ted with a green solid, What is the chemical 
nature of the green deposit? How can it be 
removed? 

(b) When sodium is exposed to air, it gets deposit- 
ed with a white solid. What chemical reactions 
take place in the formation of the white crust? 

4. (a) Namea metal which occurs in the f ree state. 
 (b) What is the difference between a mineral and 
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an ore? Give one the 
difference, 
5. (a) How is the metal sodium extracted? Write 
equations for the reactions involved. 
(6) Name two other metals which can be extracted 
by a similar method. 
» (a) Name two important ores of iron. 
(b) Describe briefly the manufacture of cast iron. 
« (a) Write equations for the reactions taking place 
in the blast furnace in the extraction of iron. 
(b) What is the function of limestone in the 
furnace? 
8, (a) Give two uses of slag. 
(b) Mention two uses of cast 
for the uses, 
. (a) How is steel] prepared by Bessemer process? 
(b) What is the difference between mild stee! and 


example to show 


iton and give reasons 


‘o 


10. 


. @ 


. (a) 


hard steel? Give uses of these two types of 
steel. 
(a) 
(b) Give advantages and disadvantages of cast iron 
and steel. 
What do you understand by hardening and 
tempering of steel? 
What is wrought iron? 
Name two ores of aluminium. 
How is pure alumina obtained from bauxite? 


LS 


(b) 
(b) 


..(a) How is aluminium obtained from pure alumina? 


(6) Give two uses each of aluminium and lead. 
State the reasons for the uses you have men- 
tioned. 


. (a) Describe Goldschmidt Thermit Process. 


(b) What happens when aluminium is burnt in ait? 
Give equations for the reactions taking place. 
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Compare the properties of cast iron and steel. - 


15, 


16. 


17, 


18. 


(a) Name two ores of zinc... 

(b) Briefly describe, with equations, the method of 
extracting zinc from zine blende. 

(a) Describe the froth floatation process of concen- 
trating a sulphide ore. 

(b) Give three uses of zinc. 

(a) What is an alloy? ; 

(b) Name the first alloy used by human beings. 

Give the composition and uses of each of the 

following alloys. Mention the reasons for each 

use. : 

(a) Stainless steel 

(b) Duralumin 

(c) Brass 

(d) Magnalium 

(e) Solder 

(f) Bronze 
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Acids, Bases and Salts 


16.1 Acids 


An acid is a compound which when dissolved in 
water produces hydronium ions (H30*) as the 
only positively charged ions. 

Hydrochloric acid, sulphuric acid and acetic 
acid react with water to form hydronium ions 
as shown below. 


HCl + HO > H30* + Cl 
HaSO, + 2H20 > 2H30* + SOF 
CH;COOH + H20 = H;0* + CH;COO- 


acetic acid acetate ion 


Hydrochloric and sulphuric acids are exam- 
ples of strong acids because they are almost 
completely ionised in dilute solutions. Acetic 
acid is a weak acid because it is oniy slightly 
ionised when dissolved in water and contains 
ions as well as molecules. 

The number of hydronium ions produced by 
one molecule of acid when it is dissolved in water 
is called the basicity of the acid. 

A molecule of sulphuric acid produces two 
hydronium ions, Sulphuric acid is, therefore, a 
dibasic acid. Hydrochloric acid and acetic acid 
are monobasic acids, © 


16.2 Methods of Preparing Acids 


1. Non-metallic oxides are generally acidic 


oxides. When dissolved in water, they produce an 
acid, 
CO2 + H20 + H2CO3 
carbonic 
acid 
SO2 + H20 > H2S803 
sulphurous 
acid 
2. A non-yolatile acid, such as concentrated 
sulphuric acid, reacts with the salt of a volatile 
acid, such as sodium chloride or sodium nitrate, 
to produce the volatile acid. 


NaCl + H2SO4 -> NaHSO,4 + HCl 
NaNO; + H2SO4 > NaHSO, + HNO; 

3. Acids can also be prepared by direct com- 
bination between hydrogen and another non- 
metal such as chlorine or bromine. 

H2 + Chk > 2HCI 
H2 + Bro > 2HBr 


16.3 Properties of Acids 


1. An acidic solution has a sour taste. The 
Sour taste of fruits is due to the presence of 
some weak acids. Lemon and citrus fruits contain 
citric acid, grapes contain tartaric acid. Vinegar 


is impure acetic acid. Sour milk contains lactic 
acid. 
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2. Substances such as litmus which change 
colour when treated with acidic or basic solutions 
are called indicators. Solutions which are neither 
acidic nor basic are called neutral solutions, 

Blue litmus is turned red by an acid. Methyl 
Orange also turns red in an acidic solution, 


3. Reactive metals, such as magnesium, react 
with dilute acids to form hydrogen gas. 
2HCI + Mg > MgCh + H> 


4. Acids react with metallic carbonates, such 
as sodium carbonate) to produce carbon dioxide 
gas which turns lime water milky. 

2HCI + Na2CO3-> 2NaCl + H20 + CO; 

5. Metallic oxides and hydroxides are gene- 
rally bases. Acids react with bases to form a 
salt and water. 

CuO + H2SO4 > CuSO, + H20 
NaOH + HCl — NaCl + H20 


16.4 Bases 


A base is a metallic oxide or hydroxide which 
neutralises an acid to form a salt and water onl ly. 


Alkalis 

An alkali is a soluble base andin solution con- 
tains hydroxyl (OH-) ions as the only negatively 
charged ions. It neutralises an acid to form a salt 
and water only. 

Sodium hydroxide (also called caustic soda) 
and potassium hydroxide (also called caustic 
potash) are strong alkalis because they are 
almost completely ionised in solution. Ammo- 
nium hydroxide, which is feebly ionised, is a 
weak alkali and, in solution, contains ions as 
well as molecules. 


16.5 Preparation of Bases 


Bases can be prepared by the following methods. 


1. By burning metals in air. 
2Mg + O2 > 2MgO 
2Ca + O2 > 2CaO 


2. By the action of water on metals. 
2Na + 2H20 > 2NaOH. + H2 
3. By double decomposition reactions, 
CuSO, + 2NaOH > Cu(OH)2 + Na2SO4 


16.6 Properties of Alkalis 


1, They neutralise an acid to form a salt and 
water only. 

2. They change red litmus to blue, phenolph- 
thalin to pink and methyl orange to yellow, 

3. Caustic soda and caustic potash are slip- 
pery and have a soapy feel. 

4. They have a bitter taste. 

5. When they are heated with an ammonium 
salt, ammonia gas is given off, i 

NaOH + NHsCl—> NaCl + H20 + NH; 


ammonium ammonia 
chloride 


16.7 Indicators 


Indicators are complex substances that have 
different colours in acidic and alkaline solutions. 
Litmus, methyl orange and phenol phthalein are 
three commonly used indicators, Their colours 
in acidic and alkaline solutions are summarised 
in Table 16.1. 


Table 16.1 Colours of common indicators in acidic 
and alkaline solutions 


Indicator Acidic solution Alkaline 

solution 

Litmus Red Blue 

Methyl orange Red Yellow: 
Phenolphthalein Colourless Pink 


Litmus is a dye made from plants. 


16.8 Neutralisation 


Neutralisation is a reaction betweenan acid and 
an alkali to form a salt and water only. The 
hydrogen ions of an acid: combine with the 
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hydroxyl ions of an alkali to form water. A salt 
_ is formed at the same time. 


Ht + OH~ > 20 


The above is the ionic equation for neutrali- 
sation. This is the overall change in neutrali- 
sation. Since strong acids and strong alkalis are 
completely ionised, the heat of neutralisation is 
the same which proves that the overall ionic 
reaction of neutralisation is the same, irrespec- 
tive of the strong acid or alkali used. 


16.9 Salts 


A salt is a compound formed by replacement of 
hydrogen. ions of an acid, parily or wholly, by a 
metal or ammonium ion. Examples of salts are 
sodium chloride and ammonium sulphate. 


16.10 Types of Salts 


1. Acid Salts 


Some acids contain more than one replaceable 
hydrogen ions in a molecule, e.g. sulphuric acid 
(H2SO,) ‘contains two replaceable hydrogen 
ions. 5 

When the replaceable hydrogen ions of an acid 
are only partly replaced by metallic or ammonium 
ions, the salt formed is an acid salt. The negative 
ions of the acid salt are capable of further ioni- 
sation to give hydrogen ions. 

For. example, sodium hydrogen sulphate 
(NaHSOs,), is formed by partial replacement of 
hydrogen ions of sulphuric acid by sodium. It 
will jonise in water as follows. 


NaHSO4 > Na* + HSOs 
The hydrogen sulphate ion will ionise further. 
HSOs -> H* + SOS” 


Since hydrogen ions are present in the solution 
of an acid salt, it will show all the properties of 
an acid. For example it will turn bluelitmus 
red, and will react with magnesium to give 
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hydrogen, and with sodium carbonate to give 
carbon dioxide. 

Orthophosphoric acid, HsPOs, will form two 
acid salts, sodium dihydrogen phosphate, 
NaH2PO,4, and disodium hydrogen phosphate, 
Na2HPOs. 


2. Normal Salts 


When the replaceable hydrogen ions of an acid 
are completely replaced by metallic or ammonium 
ions, the salt formed is a normal salt. For exam- 
ple, sodium sulphate (Na2SO4) and sodium 
phosphate (Na3PO4) are normal salts obtained 
by replacement of all replaceable hydrogen ions 
from sulphuric acid and orthophosphoric acid 
respectively by sodium ions. 


16.11 Solubility of Salts 


It is very helpful to know the solubility of salts 
in water before devising a suitable method for 
the preparation of a particular salt from a given 
substance. 


Soluble Salts 


1. All sodium, potassium and ammonium salts 
are soluble. 

2. All hydrogen carbonates and nitrates are 
soluble. 

3. All chlorides are soluble except the chlo- 
rides of silver and lead. The chloride of lead, 
however, is soluble in hot water. 

4. All sulphates are soluble except. sulphates 
of lead and barium: The sulphate of calcium is, 
however, only slightly soluble. 


Insoluble Salts and other Compounds 


1. All metallic oxides are insoluble except 
sodium and potassium oxides. 

2. All hydroxides are insoluble except sodium, 
potassium and ammonium hydroxides. Calcium 
hydroxide is slightly soluble. 

3. All carbonates are insoluble except carbo- 
nates of sodium, potassium and ammonium. 


16.12 Preparation of Salts 


Soluble salts are prepared by the method of crystal- 
lisation from an aqueous solution. Insoluble salts 
are usually prepared by precipitation involving a 
double decomposition reaction. 


1. By Synthesis 
Some salts, such as iron (III) chloride and iron 
(II) sulphide, are prepared by combining ele- 
ments present in the salts. When dry chlorine is 
passed over heated iron wire, very dark brown 
iron (III) chloride is formed. The reaction is 
highly exothermic and the glow of the iron 
continues even if the flame heating the iron 
wire is removed after some time. The formation 
of iron (II) sulphide is also an exothermic 
reaction. 

2Fe + 3Cl2 > 2FeCls 

iron chlorine _ iron (II1) 

chloride 
Fe +S —> FeS 
iron sulphur iron (II) 
sulphide 

2. Soluble Salt by the Action of Acid on Metal 
Zinc sulphate is a soluble salt and can be pre- 
pared by the action of dilute sulphuric acid on 
zinc. 


Zn + H2SO04 > ZnSO4 + Ho 


zine dilute zinc hydrogen 
sulphuric sulphate 
acid 


Experiment J: Take about 50 cm? of dilute 
sulphuric acid in a beaker and heat it on a wire 
gauze. Add small pieces of zinc, a little at a 
time, with constant stirring (Fig. 16.1). 

You will observe effervescence because of the 
evolution of hydrogen gas. Add zinc till the 
effervescence stops and some of the metal 
settles at the base of the beaker. The acid has 
been used up completely. Filter off the excess 
metal and collect the filtrate in an evaporating 
dish. Evaporate the water by heating the filtrate 
till a saturated solution is formed and crystals 


Hydrogen 


Hot dilute 
sulphuric acid 


FIG. 16.1, Preparation of zinc sulphate by the action 
of sulphuric acid on zinc. 


start appearing. Cool the solution. More crys- 
tals now start appearing. Filter the Temaining 
liquid and wash the crystals with a small 
amount of cold distilled water and dry them on 
a filter paper. This process is called crystallisa- 
tion from solution. The crystals are of hydrated 
zinc sulphate. 


ZnSO4 + 7H20 > ZnSO4-7H20 


zinc hydrated zinc 
sulphate sulphate (white 
vitriol) 


Iron (II) sulphate crystals are prepared by 
reacting iron with dilute sulphuric acid in the 
same way as mentioned above. The only diffe- 
rence is that more dilute sulphuric acid (1 vol 
of acid: 5 vol of water) is used and the filtrate 
is not evaporated too much. Pale green crystals 
of hydrated iron (II) sulphate, called green 
vitriol, are obtained when the solution is allowed 
to evaporate at room temperature. 


Fe -+- H2S04 > FeSO, + Hp 


FeSO4 + 7H20 + FeSO4:7H20 
hydrated iron (II) 
sulphate (green 
vitriol) 


3. Soluble Salt by the Action of an Acid on 
an Insoluble Oxide or Hydroxide or Carbonate 
Copper (II) sulphate is a soluble salt and can 
be prepared by the action of dilute sulphuric 
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solutio e mixture of the two oxides is added 
to excess of hot sodium hydroxide solution. Zinc 
oxide dissolves forming a solution of sodium 
zincate, 
nO +2Na0H — Na2Zn02+H20 
sodium 
zincate 
On filtering, the black copper oxide is left on 
the filter paper. It is washed several times with 
hot distilled water and dried by a filter paper. 


2. Oxide of a Less Reactive Metal such as 
Copper Oxide or Lead Oxide 

These metals combine with oxygen at very high 
temperatures which are not possible in a labo- 
ratory. The metal is, therefore, converted into a 
nitrate which on heating will give the oxide. 
For example, copper oxide can be prepared from 
copper as follows. 


Experiment 6: To warm dilute nitric acid add 
copper turnings slowly till they are in excess. 
Filtat to remove excess metal. 

3Cu+8HNO; — 3Cu(NO3)2+4H20+2NO 


The blue solution of copper nitrate is evapo- 
rated to get crystals of copper nitrate. These are 
then heated strongly to constant weight to give 
black copper oxide. 

2Cu(NO3)2 > 2Cu0+4NO2+ O2 


3. Insoluble Salt from Another Insoluble 
Salt 

When an insoluble compound is to be prepared 
from another insoluble compound, the latter 
should first be changed to a soluble compound. 

If lead sulphate is to be prepared from lead 
oxide or lead carbonate, the action of sulphuric 
acid will not change the oxide or the carbonate 
into the sulphate completely, even though the 
following reactions take place. 

PbO + H2SO4 — PbSO4+ H20 
PbCO3 + H2SOx > PbSO4+ H20 +CO2 


The reactions stop after some time, because 


the insoluble lead sulphate covers the oxide or 
the carbonate. 


Experiment 7: To prepare lead sulphate from 
lead oxide or carbonate, the oxide or carbonate 
should be added to warm dilute nitric acid till 
the former is in excess. 


PbO +2HNO3 — Pb(NO3;)2+H20 
PbCO3;+2HNOs; > Pb(NOs3)2+ H20+CO2 


The filtrate obtained on filtration is a solution 
of lead nitrate. To this, dilute sulphuric acid is 
added till the acid is in excess. 


Pb(NOs)2+ H2SO4 > PbSO4+2HNO3 


The white precipitate of lead sulphate is filter- 
ed, washed with hot distilled water and dried. 
Similarly calcium sulphate may be prepared 
from calcium carbonate in a two step reaction. 


16.14 Strength of Acidic and Alkaline 
Solutions 


Acids and alkalis can be strong or weak. These 
words havea different meaning than concentrat- 
ed and dilute. We should be careful to differen- 
tiate between these two concepts. 


Experiment 8: Take about 2 cm3 each of dilute 
hydrochloric acid, dilute sulphuric acid and 
dilute acetic acid in three different test tubes. 
To each of them add the same length of magne- 
sium ribbon. You will notice that hydrochloric 
acid reacts more vigorously than sulphuric acid, 
while the reaction of acetic acid is least vigo- 
rous. 

Now take about 2 cm3 each of dilute hydro- 
chloric acid and concentrated acetic acid in 
different test tubes and add the same length of 
magnesium ribbon to each of the acid solutions. 
It is observed that dilute hydrochloric acid re- 
acts more vigorously than concentrated acetic 
acid. 
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We therefore see that hydrochloric acid is 
stronger than sulphuric acid, and sulphuric acid 
is stronger than acetic acid. 

The strength of an acid depends upon its re- 
activity-and hence on its .degree of ionisation, 
while the concentration of the acid depends on 
the quantity of acid in water. An acid may be 
more concentrated (containing less water) but 
may be weaker (less reactive) than a dilute solu- 
tion of another strong (more reactive) acid. 
This is very evident from the fact that dilute 
hydrochloric acid contains more water but is 
stronger than concentrated acetic acid which 
contains less water. As in the case of acids, the 
words ‘concentration’ and ‘strength’ have’ diffe- 
rent meanings for alkaline solutions as well. 
Potassium hydroxide and sodium hydroxide are 
strong alkalis, whereas ammonium hydroxide is 
a weak alkali. 


16.15 The pH Scale 


The relative strengths of acidic and alkaline 
solutions are measured on a scale known as 
pH scale. The pH of an acidic or alkaline solu- 
- tion can be determined with the help of a pH 
paper or a universal indicator. 


Experiment 9; Put a drop each of different aci- 
dic solutions, distilled water, sodium hydroxide 
solution and ammonium hydroxide on different 
strips of pH paper. You will notice different 
shades of colour on the strips of pH paper. By 
comparing the colours with the colours specified 
by the manufacturer, you can find the pH of 
the different solutions. 

You will notice that acidic solutions have pH 
’ value less than 7, while alkaline solutions have 
a pH value greater than 7. A solution which has 
a pH of 7 is said to be neutral. Distilled water 
has a pH of 7. 

Hydrochloric acid has a lower pH than acetic 
acid and sodium hydroxide has a higher pH 
than ammonium hydroxide. 


Hence, the lower the pH value of the solution, 
the stronger is the acid. For alkaline solutions 
the greater the pH value the stronger is the 
alkali (Fig. 16.15). 


012345 67 8 91011121314 
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FIG. 16.5. The pH scale. 


A universal indicator is a mixture of several 
indicators and is used to determine the strengths 
of acidic and alkaline solutions. It shows diffe- 
rent characteristic colours for different pH 
values of a solution. One universal indicator 
shows a green colour in a neutral solution. The 
colour changes from blue to violet when the 
pH increases from 7 to 14. In acidic solution 
the change of colour takes place from yellow to 
pink, then to red as the pH of the solution 
decreases (Fig. 16.6). 


Experiment 10: Take 1 cm3 of each of dilute 
hydrochloric acid, dilute sulphuric acid, dilute 
acetic acid, ammonium hydroxide solution 
and a solution of sodium hydroxide, in 
different test tubes and dilute each of them with 


15 cm? of distilled water. To each of these test 


tubes, add about 6 to 8 drops of diluted uni- 
versal indicator. Shake the test tubes and com- 
pare the colours of the solutions with those of 
the colours given by the manufacturer. The 
different colours give the pH of the solutions. 

The common indicators such as litmus, 
methyl orange and phenolphthalein change 
colour only at certain pH values. Hence these 
cannot be used to find out the pH of any 
solution. 


Experiment 11; The pH value of soil can be 
found with the help of pH paper or universal 
indicator. Take a sample of the soil in a beaker, 
add a little distilled water, stir and filter. Test 
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FIG. 16.6, Variation of colour of a particular universal indicator with PH value, 


the filtrate with the universal indicator or pH 
paper to determine the pH of the soil. 

The pH value of soil is of great importance 
to the farmers. There is an optimum (most 
suitable) pH of the soil needed for a particular 
crop. For example, citrus fruits grow better in 
a slightly alkaline soil. 

Physicians also make use of pH values of 
urine and blood for the diagnosis Of diseases. 


Hydrogen Ion Concentration and pH 

The pH scale indicates the hydrogen ion con- 
centration of a solution. The negative logarithm 
to the base 10 of the hydrogen ion concentration 
(in moles per litre) is called the pH of the 
solution. Mathematically it can be expressed as 
follows. 

‘pH = —log [H*] 

The square bracket indicates the concentra- 
tion of the hydrogen ions in moles per litre. 

If the concentrations of hydrogen ions in 
three solutions are 10-7, 10-°, and 10-!° their 
pH could be calculated as foliows, 

First solution: pH = — log 10-7=7 
Second solution: pH = — log 10-*=6 
Third solution: pH=-—log 10-!°= 10 

Thus the greater the numerical value of pH, 
the lower is the concentration of hydrogen ions 
in the solution and the lesser will be the acidity 
of the solution. 

The product of the concentrations of hydrogen 
and hydroxyl ions in an aqueous solution is a 
constant and is called the ionic product of water. 

[H+] [OH~]= 10-4 

In a neutral solution the concentration of each 

type of ion is 10-7. If the solution is acidic the 
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concentration of H* ions is more than 10°’ and 
the concentration of OH™ ions is less than 1077. 
In an alkaline solution the concentration of H* 
ions is less than 10-7 and the concentration of 
OH7- ions is more than 10-7. In both the cases, 
however, the products of the concentrations of 
H* and OH7™ ions is 10° '*. 


pH of Aqueous Solutions of Salts 


Hydrochloric, nitric and sulphuric acids are 
strong acids commonly used in a: laboratory. 
Sodium and potassium hydroxides are strong 
alkalis. Ammonium hydroxide is a weak alkali 
and carbonic and acetic acids are weak acids. 
The aqueous solutions of salts formed by any 
strong acid and any sirong alkali, e.g. sodium 
chloride and potassium sulphate, are neutral 
and have a pH of about 7 at room temperature. 
The aqueous solutions of salts formed by a weak 
acid and a weak base, ¢.g. ammonium acetate 
is also neutral. 

However, salts formed by reacting a weak 
acid and a strong alkali, e.g. sodium carbonate, 
when dissolved in water produce an alkaline 
solution and hence have a pH of more than 7. 
Aqueous solutions of salts formed by a strong 
acid and a weak base, ¢.g. iron (II) chloride 
and ammonium chloride are acidic and have a 
pH of less than 7. This phenomenon is due to 
the reaction between such salts and water and 
is called salt hydrolysis or simply hydrolysis. 


16.16 Effiorescence 


Hyurated compounds that lose all or a portion of 
their water of crysiallisation when exposedto dry 


air are said to be efflorescent and the property is 
called efflorescence. 

Since efflorescent substances lose their water 
of crystallisation on exposure to dry air, they also 
lose their crystalline structure. Such substances, 
therefore, lose weight and become powdery 
when exposed to air. 


_ (a) Washing soda is hydrated sodium carbo- 
nate, Na2xCO3-10H20. When exposed to dry 
air, the crystals change to powder forming 
a monohydrate. 

Na2CO3-10H20 > WNa2CO3-H20 + 9H20 

washing soda 

(b) Hydrated sodium sulphate, Na2SOsz- 
10H20 becomes powdery anhydrous sodium 
sulphate when exposed to dry air. 


Na2SQ4-10H20 —> Na2SOQ4+ 10H20 


(c) Blue crystals of copper (II) sulphate when 
exposed to dry air for a long time become 
powdery. The powdered substance is anhydrous 
copper sulphate, a white solid. 

CuSO4:5H20 — CuSO4 + 5H20 
blue vitriol anhydrous 


copper (II) 
sulphate 


Effiorescence is aided by increase in tempera- 
ture and dry atmosphere. 


16.17 Deliquescence 


Some solid compounds absorb water vapour from 
the air and dissolve in water to forma saturated 
solution. They are said to be deliquescent and 
the property is called deliquescence. 

Anhydrous calcium chloride, iron (III) chlo- 
ride, sodium hydroxide, anhydrous zinc chloride 
and calcium nitrate are deliquescent substances, 
Table salt (sodium chloride) is deliquescent 
because of the impurities, calcium or magnesium 


chloride, present in it. Pure sodium chloride ig 
not deliquescent. 


16.18 Hygroscopic Substances 


Liquids, such as concentrated sulphuric acid and 
alcohol, which absorb water vapour from the air 
are called hygroscopic. The term is also applied 
to solids which absorb water vapour from the air 
but do not form a solution with water. 

Copper oxide, calcium oxide (quicklime) and 
silica gel are examples of solids which are 
hygroscopic. 

Hygroscopy amd deliquescence increase the 
mass of a substance and are aided by damp 
weather and low temperature. 


16.19 Drying Agents 


Chemists use deliquescent and hygroscopic 
substances in the laboratory to keep other sub- 
stances dry. Gases made in the laboratory are 
generally moist as they are mixed with water 
vapour. They are also dried by either deliques- 
cent or hygroscopic substances. 

Solids which need to be kept dry are put in 
an apparatus called a desiccator. The atmos- 
phere inside the desiccator is kept dry by the 
presence of anhydrous calcium chloride or 
concentrated sulphuric acid. Silica gelis another 
drying agent. A greased lid is used to make the 
desiccator absolutely air-tight. 

Gases are dried in various ways depending 
on the nature of the gas. The drying agent must 
be a substance which should not react chemi- 
cally with the gas to be dried. Usually anhydrous 
calcium chloride and concentrated sulphuric 
acid are used as drying gases. For drying 
ammonia gas an unusual drying agent, calcium 
oxide (also called quicklime), is used. The appa- 
ratus for drying a gas depends upon the choice 
of the drying agent. 


PROBLEMS 


1. (a) Define an acid and an alkali. 
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(b) Define basicity of an acid. 


2. (a) You are given a colourless liquid. How would 
you confirm by chemical reactions that the 
liquid contains an acid? 

(b) What are indicators? Name three indicators’ 
and their colours in different mediums. 

3. (a) What is an alkali? Name one strong and one 
weak alkali. 

(b) What do you understand by the strength of an 
acid? On what factors does the strength of an 
acid depend? 

4. (a) Give two chemical properties of an alkali. 

(b) Define neutralisation. 

5. (a) Why is the heat of neutralisation of a strong 
acid with a strong alkali always the same? 

(b) Describe two methods of preparing acids. 

6. (a) Describe two methods of preparing a base. 

(b) Name the acids present in vinegar, grapes and 
lemon. 

7. (a) Define an acid salt, 

(b) What will happen if sodium carbonate and 
magnesium ribbon are separately added to a 
solution of sodium hydrogen sulphate. 

8. (a) Define a normal salt. 

(b) How many salts can be obtained from ortho- 
phosphoric acid? Is there any difference in the 
salts formed by the acid? 

9. (a) You are given three acids, hydrochloric, 
sulphuric and nitric. How would you establish 
the identity of the three acids? 

(6) Write equations only for the preparation of 
sodium chloride from three different com- 
pounds of sodium, 

10. (a) How would you prepare an acid from a non- 
metal? , 

(b) How would you Prepare an alkali from a 
metal? 

11. (a) How would you prepate crystals of iron (lD 
sulphate from iron? 

(b) How is iron (III) chloride prepared from iron? 
What do you call this process? 
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12. (a) How would you prepare copper (II) oxide 
from copper (II) sulphate? 
(b) How is copper (II) sulphate prepared from 
copper (II) carbonate? 
13. (a) How is lead chloride obtained from lead 
nitrate? 
(b) How is pure copper oxide prepared from a 
mixture of copper oxide and aluminium oxide? 
14. (a) Why is lead sulphate not prepared by the 
action of dilute sulphuric acid on lead or lead 
oxide? 
(b) How is magnesium carbonate prepared from 
magnesium chloride? 
15. (a) How is sodium nitrate prepared from sodium 
hydroxide? 
(b) How would you prepare lead carbonate from 
lead nitrate? 
16. (a) How would you prepare lead (II) oxide from 
lead? 
(b) How is calcium sulphate prepared from cal- 
cium carbonate? 
17. (a) What do you understand by pH scale? 
(b) The pH of three solutions is given below. 
Which one of them is acidic and which one is 
alkaline? 


(i) pH=7_— (ii) pH=3_— (iii) pH=10 
18. Three solutions have pH values of 2, 6 and 10 
Tespectively. 
(a) Which one is most likely to liberate hydrogen 
on reacting with zinc? 


Which one would produce ammonia on re- 
acting with ammonium chloride? 


(b) 


Define efflorescence. 
Why is anhydrous calcium chloride used in a 
desiccator? 


19. (a) 
(b) 


20. (a) Name three substances which are efflorescent. 
(b) Name three substances which are deliquescent. 


a2 * 
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Practical Chemistry 


The chemical nature of any substance is deter- 
mined by conducting systematic experiments, 
and carefully recording the observations, which 
reveal the nature of the substance. 


17.1 Tests for Gases 


Gases are evolved when a solid is heated in.a 
dry test tube or when a solid is reacted with an 
acid. Ammonia is produced only by reacting a 
solid with a base. The properties of gases and 
the deductions based on the evolution of gases 
are given in the following. 


(a) Colourless and Odourless Gases 


Table 17,1 Tests for colourless and odourless gases 


Gas Action on Action on Action on 
lighted splint glowing splint lime water 
Oxygen Burns brightly Rekindled - 
Hydrogen The gas burns _ 
with a ‘pop’ * - 
sound and the 
splint is 
extinguished 
Carbon The splint is —_ Lime water 
dioxide extinguished turns milky 
DEDUCTIONS 


(i) Oxygen is evolved on heating compounds 


such as Pb3O4 (red solid), PbOz (chocolate brown 


solid), HgO (red solid), NaNO3 or KNOs (white 
solids). 

(ii) Carbon dioxide is evolved either by heat- 
ing a carbonate or by the action of an acid on 
a carbonate. Effervescence is observed when the 
acid reacts with a carbonate. 

(iii) Hydrogen gas is produced with efferves- 
cence by the action of an acidic solution on a 
metal. 

(b) Pungent Gases 
Table 17.2 Tests for pungent gases _ 


LE 
Gas Tests 


ee on 
Hydrogen Colourless, fumes in air, turns moist blue 


chloride litmus red and produces dense white fumes 
with arod dipped in ammonium hydroxide 
solution. When passed through silver nitrate 
solution, it forms a white precipitate, 

Chlorine Greenish-yellow gas, turns moist blue litmus 
paper red which later turns colourless. 

Sulphur  Colourless, smells like burning sulphur and 

dioxide turns acidified potassium dichromate paper 
green. 

Hydrogen Colourless, smells like rotten eggs and turns 

sulphide moist lead acetate paper black. 

Ammonia Colourless, smells like ammonium hydro- 
xide, turns moist red litmus blue (basic 
gas) and produces dense white fumes with a 
rod dipped in concentrated hydrochloric 
acid. 

Nitrogen Reddish-brown gas, turns moist blue litmus 

. dioxide red. 
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(c) Water Vapour 

When hydrated salts are heated, water is given 
out as steam which condenses on the cooler 
parts of the test-tube. The colourless droplets of 
water turn cobalt chloride paper from blue to 
pink, and anhydrous copper sulphate from 
white to blue. 


Note: While identifying a gas, all the tests for 
the gas should be given. 


17.2 Tests for Anions (Acid Radicals) 


Tests for chlorides, carbonates, sulphates and 
nitrates have been given earlier in the chapters 
on chlorine, carbon dioxide, sulphuric acid and 
nitric acid, respectively. 


Sulphite 

When a sulphite is treated with a dilute acid, 
sulphur dioxide gas is evolved with effervescence 
which can be identified by tests given in 
Fable 17.2. 


2H* + SO;> — H20 + SO2z 
(from (from sulphur 
acid) sulphite dioxide 


salt) 


Sulphide 
A sulphide when reacted with a dilute acid pro- 
duces hydrogen sulphide gas with effervescence. 
The gas can be identified by tests give in 
Table 17.2. 

2H+ + S$ > H2S. 

(from (from hydrogen 

acid) sulphide sulphide 

salt) 


DEDUCTIONS : 

(i) Hydrogen chloride is given out from a 
chloride when. the solid is heated with concen- 
trated sulphuric acid. Chlorine is evolved when 
a chloride reacts with concentrated sulphuric 
acid and manganese dioxide or when voncen- 


trated hydrochloric acid reacts with an oxidis- 
ing agent such as lead dioxide or red lead. 

(ii) Sulphur dioxide is generally given out 
when any sulphite reacts with a dilute acid. 

(iii) Hydrogen sulphide is generally given out 
when any sulphide reacts with a dilute acid. 

(iv) Nitrogen dioxide is given out when 4 
nitrate is heated alone or with concentrated 
sulphuric acid or with a mixture of concentrated 
sulphuric acid and copper turnings. 

(v) Ammonia gas is given out by heating an 
ammonium salt alone or by heating an ammo- 
nium salt with a base. 


17.3 Tests for Cations (Metallic or 
Basic Radicals) 

1, Using Sodium Hydroxide 

A solution of a compound is prepared by dis- 

solving it in water or in a dilute acid. This is 

treated with sodium hydroxide solution. In case 

of an ammonium salt, the solid or its solution 

in water is heated with sodinm hydroxide 

solution. 


AMMONIUM SALT 

When the salt or its solution in water is heatea 
with sodium hydroxide solution, ammonia gas 
is evolved, which is confirmed by its tests. 


Copper, Iron (11), Iron (III) and Calcium Salts 
When sodium hydroxide solution is added to a 
solution of the metallic salts, insoluble hydro- 
xides are formed which do not dissolve in excess 
of alkali. 

Coprer SALT 


The precipitate obtained is blue and does not 
dissolve in excess of sodium hydroxide solution. 


Cu?+ + 20H- — Cu(OH)2} 


(from (from copper hydroxide 
copper sodium (blue) 
salt) hydroxide) 


The blue precipitate when heated turns into 
a black precipitate of copper oxide. 
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Cu(OH)2 > Cu0} +20 
(black) 


IRON (I) SALT 

When sodium hydroxide is added to salt solution, 
a dirty green precipitate is obtained which does 
not dissolve in excess of sodium hydroxide 
solution. 


Fe?+ + 20H" > Fe(OH)2 + 
(from iron (IJ) hydroxide 
salt) (dirty green) 


Tron (IID) SALT 
When sodium hydroxide solution is added 1) 
the salt solution, a reddish-brown precipitate is 
obtained which does not dissolve in excess of 
sodium hydroxide solution. 

Feit + 30H- > Fe(OH)s + 

(from iron (III) hydroxide 

salt) (reddish-brown) 
CaLciuM SALT 
The salt solution on reacting with sodium hy- 
droxide solution gives a white precipitate which 
does not dissolve in excess of sodium hydroxide 
solution. 


Ca2+ + 20H" > Ca(OH) + 
(from calcium hydroxide 
salt) (white) 


Leap (I) AND Ztnc SALTS 

The solutions of lead and zinc salts when treat- 
ed with sodium hydroxide solution form white 
precipitate of lead hydroxide and zinc hydroxide, 


respectively. 


Zn2?+ + 20H*t > Zn(OH)2 | 
(from zinc hydroxide 
zinc salt) (white) 

Pet + 20H > Pb(OH)2 + 
(from Jead hydroxide 
lead salt) (white) 


Zinc and lead hydroxide -are amphoteric 
hydroxides and dissolve in excess of sodium 
hydroxide solution forming colourless solutions 
of sodium zincate and sodium plumbite, res- 
pectively.. 


Zn(OH)2 + 2NaOH + Na2ZnO2 + 2H20 
sodium 
zincate 

Pb(OH)2 + 2NaOH > Na2PbO2 + 2H20 


sodium 
plumbite 


2. Using Ammonium Hydroxide Solution 


ZINC AND COPPER SALTS 

(i) When ammonium hydroxide is added to 
a solution of zinc salt, a white precipitate of zinc 
hydroxide is formed which dissolves in excess of 
ammonium hydroxide forming a colourless 
solution. . 

(ii) When ammonium hydroxide is slowly 
added to a solution of a copper salt, a blue pre- 
cipitate of copper hydroxide is formed which 
dissolves in excess of ammonium hydroxide to 
form a deep blue solution. 

Dissolving of precipitate in excess of am- 
monium hydroxide is due to the formation of 
soluble complex compounds of zinc and copper. 


LEAD, IRON (II) AND IRON (TI) SALTS 
When ammonium hydroxide is added to a 
solution containing lead, iron (II) or iron (i) 
salts, a white precipitate, a dirty green precipi- 
tate and a reddish-brown precipitate of lead 
hydroxide, iron (II) hydroxide and iron (mi) 
hydroxide are respectively formed. 
All these precipitates are insoluble in excess of 
ammonium hydroxide solution. 


Some ADDITIONAL TESTS FOR LEAD 
1. When hydrochloric acid is added to a 
solution containing a lead salt, a white precipi- 
tate of lead chloride is formed. 
Pot + 2Clk > PbCht 
lead chloride 
(white) 
The white precipitate dissolves in hot water 
and reappears on cooling. 


2. Add a few drops of potassium iodide 
solution to a solution containing a lead salt. A 
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canary yellow precipitate of lead iodide is 
formed. 


Pb2* 4+ 2I- > Pbk 


lead iodide 
(yellow) 

The yellow precipitate dissolves on boiling 
and reappears as golden-yellow crystals on 
cooling, " 

3. When hydrogen sulphide is bubbled 
through a solution of lead salt, a black precipi- 
tate of lead sulphide is formed. 

Pb?+ + S?- + PbSt 
lead sulphide 
(black) 

Copper salt solutions also give a black pre- 

cipitate with hydrogen sulphide. 


17.4 Flame Test 


Ions of some metals impart a characteristic 
colour to a flame. This is used as a test for the 
metal ion. A platinum or a nichrome wire is 
cleaned by- alternately dipping in concentrated 
hydrochloric acid and putting in a non-luminous 
flame of a bunsen burner till the wire imparts no 
colour to the flame. The wire can now be used 
for the flame test. 


Procedure 

Make a paste of the salt in concentrated hydro- 
chloric acid and attach it to a loop made in the 
platinum or nichrome wire. Introduce the paste 
of the salt into a non-luminous flame ofa bunsen 
burner. The following colours are imparted to 
the flame by the various metallic ions. 


Metallic ion Colour of the flame 
Potassium Lilac 

Sodium Golden yellow 
Calcium Brick-red 


These colours can be used to identify the ions. 
17.5 Action of Heat on some 
Compounds 


1. Mercury (II) Oxide. 
Take a pinch of mercury (II) oxide, a red pow- 
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Thus thermal dissociation is a reversible reac- 
tion. Phosphorus pentachloride also undergoes 
thermal dissociation to give phosphorus tri- — 
chloride and chlorine which recombine on © 
cooling. 4 


2. Lead Dioxide 


der, in © test tube and heat. It becomes dark red 
in colour and then decomposes giving out a | 
colourless and odourless gas which rekindles a — 
glowing splint. Hence the gas is oxygen. Mer-— 
cury deposits as silvery globules on the upper 
cooler parts of the test tube (Fig. 17.1). 


2HgO —~ 2Hg + O2 


mercury 


mercury 
(LD oxide 


oxygen 


Mercuric oxide 


\ 
Silvery globules 
of Mercury 


FIG. 17.1. Test for mercury (II) oxide. 


The breaking up of a compound into simpler 
substances on heating is called thermal decom- 
position. Here, the substances formed on_heat- 
ing do not recombine on cooling. When a com- 
pound on heating decomposes into different _ 
substances which recombine on cooling, the — 
reaction is called thermal dissociation. For exam- 
ple, ammonium chloride on heating gives ammo- 
nia and hydrogen chloride, which recom- 
bine on cooling to form ammonium chloride. 


Take lead dioxide, (lead (IV) oxide), a chocolate ~ 


brown powder in a dry test tube and heat stron- 
gly. The colourless, odourless gas, oxygen, is 
evolved, which rekindles a glowing splint. The 
residue left in the test tube is a yellow powder 
which fuses with glass. This is lead (II) oxide, 
also called litharge. 

2PbO2 > 2PbO + O2 


lead (IV) __ lead (II) 
oxide oxide 
3. Red Lead 


Red lead, Pb30«, is a red powder which, when 
heated, gives out oxygen, a colourless and odour- 
less gas, which rekindles a glowing splint. A 
yellow solid residue is left in the test tube which 
fuses with glass. This is lead (II) oxide or 
litharge 

2Pb304 > 6PbO + Oz 


red lead lead (If) 
oxide 


4. Copper Carbonate 

Take copper carbonate, a bluish-green powder, 
in a test tube and heat strongly. It decomposes 
to give a colourless and odourless gas, carbon 
dioxide, which turns lime water milky. A@black 
residue of copper (IJ) oxide is left in the test 
tube. 


cucO; > CuO + COz 
copper (II) copper (II) carbon 
carbonate oxide dioxide 


5. Zinc Carbonate 


Take zinc carbonate, a white powder, in a test — 


tube and heat. A colourless, odourless gas, car- 
bon dioxide, is given out which turns lime water 
milky. The residue left is that of zinc oxide. It 
is yellow when hot and white when cold, 
ZnCO3 > ZnO + CO2 
zinc car- zinc 
bonate oxide 
(yellow when hot 
white when cold) 


6. Washing Soda 
Washing soda is hydrated sodium carbonate. 


When it is heated, water vapour is.given out 
which condenses on the cooler parts. of the test 
tube. The colourless drops of the liquid can be 
tested by cobalt chloride paper which will turn 
from blue to pink. A white powdery solid is left 
asa residue. This is anhydrous sodium carbo- 
nate. 


Na2CO3-10H20 — Na2CO3+ 10H20 


Sodium carbonate does not decompose on 
further heating. 


7. Coppex Sulphate Crystals 

Copper sulphate crystals are blue in colour. It 
is a hydrated salt. When it is heated, water of 
crystallisation is given out which condenses on 
the cooler parts of the test tube. The colourless 
drops will turn cobalt chloride paper from blue 
to pink (test for water). A white powdery resi- 
due is left in the test tube. This is anhydrous 
copper sulphate. 


CuSO4:5H20 > CuSO4+ 5H20 
(blue) (white) 


8. Zine Nitrate " 
Zinc nitrate is a deliquescent solid. When white 
crystals of zinc nitrate are heated, the water of 
crystallisation present is given. out and collects 
on the cooler parts of the test tube. The solid 
left then decomposes giving reddish-brown fumes 
of nitrogen dioxide, an acidic oxide, and oxygen 
which rekindles a glowing splint. Zinc oxide is 
left .in the test tube, which is yellow when hot 
and white when cold. 


2Zn(NO3)2 > 2ZnO +4NO2+ O2 


9, Copper Nitrate 


Copper nitrate is a dark blue crystalline solid 


and is deliquescent (absorbs moisture from air). 
It is a trihydrate, Cu(NO3)2:3H20. When it is 
heated: gently the water of crystallisation, is: lib- 
erated and dissoives the compound forming a 
bluish-green liquid. On further heating, the water 
of crystallisation changes into steam and 
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deposits on the upper cooler parts of the test 
tube as drops of water. 


Cu(NO3)2:3H20 > Cu(NO3)2+3H20 

hydrated copper(II) 

nitrate 

Copper nitrate then decomposes on strong 

heating to give out dense reddish-brown fumes 
of nitrogen dioxide. If a glowing splint is intro- 
duced, it is rekindled, showing that oxygen is 
also liberated. 


2Cu(NO3)2 > 2CuO + 4NO2 + O2 


copper (II) copper(II) nitrogen oxygen 
nitrate oxide dioxide 
10. Lead Nitrate 


Crystals of lead nitrate are white in colour. 
When heated ina test tube, decrepitation (crackl- 
ing sound due to breaking up of bigger parti- 
‘cles into smaller particles) takes place. Reddish- 
brown, pungent fumes of nitrogen dioxide are 
evolved which will turn moist blue litmus red. 
Oxygen is also given out which rekindles a glow- 
ing splint. The residue is yellow lead (II) oxide, 
which fuses with glass. 


2Pb(NO3)2 > 2PbO +4NO2 + O2 


11. Ammonium Chloride 

Heat a small amount of solid ammonium chlo- 
ride in a test tube. The solid does not melt but 
changes into dense white fumes which deposit 
as a white solid on the cooler parts of the test 
tube. 

Substances such as ammonium chloride, which 
change from the solid state to the gaseous 
state when heated, and from the gaseous state 
back to the solid state on cooling, without chang- 
ing into the intermediate liquid state, are said to 
sublime and the phenomenon is called sublimation. 


170 


’ rated, and sparks are given off. A large quantity 


The solid deposited on cooling is called the | - 
sublimate. of 

Ammonium chloride changes toammoniaand 
hydrogen chloride gases on heating. These gases 
recombine on cooling to form the solid ammo- |) 
nium chloride as the white sublimate. 


heat 
NH,Cl = NH3+ HCI 
ammo- cool 
nium 
chloride 


12. Todine 
Heat a few crystals of iodine in a test tube. The 
crystals change to vapour, violet in colour, 
which deposits as dark-grey shiny crystals of 
iodine on the upper cooler parts of the test 
tube. 

heat 

Solid iodine = Vapour iodine 
cool 


Thus sublimation is a reversible reaction, i.e. 
a reaction which can proceed both ways by chang- 
ing the conditions under which it is taking place. 

Some other substances which undergo subli- 
mation are anhydrous aluminium chloride and 
anhydrous iron (III) chloride. 


13. Ammonium Dichromate 

Take a small amount of ammonium dichromate, 
a bright orange coloured crystalline solid, in a 
dry test tube. On heating there is a vigorous 
reaction, A considerable amount of heat is libe- 


of fluffy dark green solid, almost 6 to 7 times the 
original volume, is formed. Water and nitrogen 
are also liberated. 
(NH4)2Cr207 > CmO03+4H20 + N2 
ammonium chromium water nitrogen 
dichromate (III) oxide vapour 
(green) 


PROBLEMS 


1. Define the following terms: (a) Sublimation (b) 
Thermal dissociation. Give two examples each of 
substances which sublime and which undergo ther- 
mal dissociation. 

2. Describe all that you would observe when the 
following are heated. Give equations for the reac- 
tions taking place. 


(a) Lead dioxide 

(b) Mercury oxide 

(c) Ammonium chloride 

(d) Ammonium dichromate. 


3. Write equations for the following reactions} 


(a) An oxide of an element .when heated gives 

another oxide of the same element and oxygen. 

An oxide when heated gives two different ele- 

ments only. 

A solid compound when heated gives two diffe- 

rent gases and a solid residue of another com~- 

pound. 

A white solid when heated gives out a colour- 

‘Jess gas which turns lime water turbid, and 
leaves a solid residue which is yellow when hot 
and white when cold. _ 


X is a reddish-brown element. When treated with 

dilute: nitric acid it gives outa colourless gas Y 

which turns into a reddish-brown gas on coming in 

contact with air. A blue solution of a substance Z 

is also formed. The crystals of substance Z when 

heated give out the reddish-brown gas along with 
another gas. A black residue of substance M is left 
behind. 

(a) Name the substance X. 

(b) Write the equation for the reaction of subs- 
tance X with dilute nitric acid and name the 
gas Y. ‘ 

(c) Name the substances Z and M. Write the 
equation for the action of heat on substance Z. 


(b) 
(2) 


> 


5. (a) What would you observe when a mixture of 
sodium and ammonium chlorides is heated in 
‘adry test tube? Write an equation for the 


change taking place. é 
(b) Describe the action of heat on copper carbo- 
nate. 
(c) What happens when zinc oxide is alternately 
heated and cooled? 


6.. Different compounds can be used to obtain oxygen 
gas alone or mixed with other gases. 
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10. 


11. 


12. 


13. 


14, 


» (a) 


(a) Name a solid which on heating gives a liquid 
and oxygen. 

Name a solid which on heating gives another 
solid and two gases, one of which is oxygen. 
Name a solid which on heating gives another 
solid (a compound) and oxygen. 

Write an equation for each of the above reac- 
tions. 


(b) 
(c) 


What is a reversible reaction? 

Give two examples of reversible reactions and 
write an equation for each of the reactions 
mentioned. 


(b) 


How will you distinguish between the following 
pairs of gases. 

(a) Hydrogen sulphide and sulphur dioxide, 

(b) Ammonia and chlorine gas. 

(c) Hydrogen and oxygen. 


. How will you distinguish between the following. 


(a) Iron (II) sulphate and iron (III) sulphate. 
(b) Lead nitrate and coppet nitrate. 
(c) Zinc oxide and calcium oxide. 


Give one Chemical test for each compound. 
What all will you observe when 


(a) sodium hydroxide solution is slowly added to 
zinc sulphate solution. 

(b) ammonium hydroxide is slowly added to cop- 
per sulphate solution. 


Describe all that you would observe when 


(a) lead nitrate is heated. 
(b) zinc carbonate is heated. 
Write the equation for each reaction. 


A white solid A when heated with sodium hydro- 
xide solution gives a pungent gas B which turns red 
litmus blue. The solid when dissolved in dilute 


nitric acid and treated with silver nitrate gives a white 
precipitate of C which is soluble in ammonia solut ion. 


(a) What are substances A, B and C? 
(b) Write equations for the different changes 
taking place in the experiments, 


How would you distinguish between 


(a) sodium carbonate and sodium nitrate. 
(b) sodium sulphate and sodium sulphite. 


A compound A is a white crystalline solid. When 
heated it leaves a yellow residue of compound B. 


_ A reddish-brown gas C and another gas D are also 
formed, 


When the compound A is dissolved in water and 
treated with dilute hydrochloric acid, a white 
precipitate of E is formed which dissolves on 
boiling. 


(a) What are substances A, B, C, D and E? 
(b). Explain the changes and write equations for 
each reaction, 4 

15. Asolution of a pale green compound A when 
treated with sodium hydroxide solution gives a 
dirty green gelatinous precipitate of compound B. 
The compound A is dissolved in dilute sulphuric 
acid and treated with concentrated nitric acid. A 
yellow solution is formed of another compound C. 
When the solution of compound C is treated with 


sodium hydroxide solution, a reddish-brown 


precipitate of compound D is formed. 


(a) Name the compound A if the anion of the 
compound is a sulphate. 

(b) What are compounds B, C and D? 

(c) Explain the changes taking place in the experi- 
ments, 


16. 


17, 


1723* 


(d) What type of reaction takes place when the 
compound A is treated with concentrated nitric 
acid? 


A compound A is a black solid. When heated’ witt 
dilute sulphuric acid, a blue solution of substance 
B is obtained. When the blue solution is treated 
with sodium hydroxide solution, a blue precipitate 
is formed of compound C, When the compound C 
is heated the compound A is again obtained. 


(a) Name the compounds A, B and C. 
(b) Write equations for the reactions and explain 
the changes. 


Awhite substance X when heated gives carbon 
dioxide and a residue Y, which is yellow when hot 
and white when cold. The residue is dissolved in 
dilute hydrochloric acid: and sodium hydroxide 
solution is added. A white precipitate of substance 
Z is formed which dissolves in excess of sodium 
hydroxide forming a colourless solution, 


(a) What are substances X, Y and Z? 

(b) Write equations for all the reactions in- 
volved in the experiment and explain the 
changes. j 


Absolute temperature 73 
Absolute zero 73 
Acetic acid 154 
Acids 154 
preparation of 154 
properties of 154 
Acid anhydride 46 
Acidic oxide 46 
Action of heat on 
compounds 168 
Air 26-30 
exhaled and inhaled 30 
dissolved in water 37 
Alkali 155 
Alkali metals 128 
Allotrope 93 
of carbon 93-4 
of sulphur 133 
Allotropy 93 
Alloys 151 
Alumina 148 
Aluminium 148-9 
alloys of 152 
Ammonia 122-5 
Ammoniacal liquor 107 
Amphoteric hydroxide 47 
Amphoteric oxide 47 
Anion 63, 88 
test for 166 
Anode 87 
Aqua fortis 127 
Aqua regia 117 
Atom 69 
Atomic number 59 
Atomic structure 58 


Index 


Atomic weight (mass) 76 
Atomicity 5, 69 
Avogadro’s law 75 
Avogadro’s number 78 


Base 9, 155, 
Basic oxide 46 
Basicity of acid 139 
Bauxite 148 
Bessemer process 146 
Blast furnace 145 
Bleaching powder 111, 115 
Bohr 60 
Bonding 63 
covalent 65 
_ double 66 
electrovalent 63 
ionic 63 
triple 66 
Bosch process 53 
Boyle’s law 72 
Brass 152 
Bromine 110 
Burning of candle 28 
Bronze 152 


Calamine 149 
Calcium carbonate 101 
Calcium oxide 101 
Calorific value 107 
Carbon 93 
allotropes of 93 
cycle 100 
dioxide 29, 97-100 
disulphide 19, 35 
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monoxide 95-7 

tetrachloride 21 
Carbonates 101 
Carbonic acid 46, 99 
Cast iron 146 
Catalyst 43 
Cathode 87 
Cathode rays 58 
Cation 63, 88 

tests for 166 
Chadwick 58 
Charcoal 94 

wood 94 

bone 94 
Charles’ law 73 
Chemical bonding 63 
Chemical change 15 
Chemical equations 5 
Chlorine 110-15 
Chromatography 23 
Clark’s process 104 
Coal 107 

destructive distillation of 

gas 107 

tar 107 
Coke 107 
Compounds 17 
Concentration of acid 161 
Contact process 138 
Copper 
alloys of 152 
Covalent bond 65 
Covalent compound 65-8 
Cryolite 148 
Crystal 38 


Crystallisation 38, 157 


Dalton 62 
atomic theory 62 
Davy 144 
Decantation 20 
Decrepitation 40, 170 
Dehydrating agent 95 
Deliquescence 162 
Detergents 104 
Diamond 93 
Diffusion 13 
Dinitrogen oxide (nitrous 
oxide) 129 
Displacement reaction 10 
Dissolving 19 
Distillation 20 
destructive 107 
fractional 22 
Drying agent 163 
Dry ice 100 
Ductile 142 
Duralumin 152 


Efflorescence 162 
_ Electrochemical series 91 
Electrolytic refining of 
copper 90 
Electrodes 87 
Electrolysis 86-7 
of copper sulphate 89 
of lead bromide 87, 90 
of sodium chloride 144 
of water 88 
Electrolyte 87 
strong 87 
weak 87 
Electronic configuration, 60 
Electron 59 
Electronic theory 
of valency 63 
Electroplating 91 
Electrostatic force of 
attraction 65 
Electrovalency 63 ’ 
Electrovalent bond 63. 


Electrovalent compound 63 
Element 16 
Empirical formula 80-1 
Endothermic reaction 106 
Evaporation 15 
Equation 5, 6, 82 
Ethanol (alcohol) 23, 106 
Evaporation (vapori- 

sation) 12, 18 
Exothermic reaction 17, 106 
Extraction of metals 144 


Ferric chloride 112 
Ferric ion (55, 167 
Ferrous ion 55, 167 
Fertilisers 131 
Filtrate 19 
Filtration 19 
Fire extinguisher 100 
Fixation of nitrogen 129 
Flame test 168 
Fluorine 110 
Formic acid 95 
Formula 1, 2 
Fountain experiment 123 
Fractional atomic weight 62 
Fractional distillation 22 
Fractionating column 21 
Freezing mixture 29 
Froth floatation 149 
Fuels 105 
characteristics of 107 
gaseous 106 
liquid. 105 
solid 105 


Galvanising 49 


Gases 12-13 
tests for 165 


Gangue 144 
Gasequation 74 
Gay-Lussac’s law 75 
German silver 152 
Glucose 80, 99 
Gold schmidt Thermit 
process 149 
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Gram-atom 76 
Gram-molecular volume 77 
Gram-molecule 76 
Graphite 94 

Gypsum 103 


Haber’s process 123 
Haematite 145 

Halogens 110 

Hard water 103-5 

Heat of neutralisation 156 
Hydrated compounds 40 
Hydrocarbons 78 
Hydrochloric acid 
Hydrogen 50-3 
Hydrogenation of oil 53 
Hydrogen chloride 115-16 
Hydrogen isotopes 62 
Hydrogen molecule 66 
Hydrogen sulphide 165, 166 
Hydronium ion 117 
Hypochlorous acid 113 
Hygroscopic substances 162 


117-18 


Ignition temperature 48 
Immiscible liquid 20 
Indicators 155, 161 
Inert or noble gases 30 
Ton exchange 104 


Ions 88 
charge on 88 
Tron 145 
cast or pig 146 
trusting of 48 
wrought 148 
Isotopes 61-2 


Kelvin’s scale 73 
Kinetic theory 72 
Kossel 63 


Lavoisier 42, 50 
Law 
Avogadro’s 75 
Boyle’s 72 
Charles’ 73 


Gay Lussac’s 75 
L-D process ,.147 
Lead 151 

alloys of 152 
Lewis 65 
Lime 101-2 
Limestone 101 
L.P.G. 106 


Magnalium 152 
Magnesium 150-51 
Magnetite 145 
Malleable 142 
Marble 101 
Mass number 59 
Melting point 12, 15 
Metals 142 
characteristics of 142 
extraction of 144 
action of air on 144 
Methanol 24 ‘ 
Methyl orange 155 
Minerals 144 
Miscible liquid 21 
Mixtures 17 
separation of 18-24 
Molar volume 77 
Mole 77 
Molecular formula 82 
Molecular weight (mass) 77 
Molecule 13, 69 
Monoclinic sulphur 133 


Naphtha 22 
Neutralisation 155 
Neutral oxide 47 
Neutron 59 
Nitrates 128-9 
test for 129 
Nitric acid 126-8 
Nitric oxide (see nitrogen 
monoxide) 
Nitrides 121, 122 
Nitrogen 27, 120-1 
cycle 130 
dioxide 9, 128, 129 


) 


molecule 66 
monoxide © 9, 128 
129 
Noble gases 30 

Non-electrolytes 87 
Non-metals 143 


Nitrous oxide 


Nucleus 58 
Nucleons 59 


Oleum 139 
Ores 144 


Orthophosphoric acid 27, 156 


Oxalic acid 95 
Oxidation 54 


Oxidising agent 55 


Oxides 27 


classification of 46 


reduction of 143 
Oxygen 27, 42-6 


in air 28 


molecule 66 


Paper chromatography 23 
Particulate nature of matter 13 
Percentage of elements 79-80 


Permutit process 104 
Petroleum 22 

pH 161-2 
Phenolphthalein 155 


Photosynthesis 99 
Physical change 15 
106 


Power alcohol 


Practical chemistry 165-72 


Producer gas 
Proton 59 


Radicals 2 


Radioactive isotopes 62 


Reactions 


106 


synthesis 7 


double decomposition 9 


redox 56 


displacement 


10 


Reactivity series 7 
Reducing agent 56 


Reduction 55 
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of metallic oxides 143 
Removal of hardness 104 
Reversible reaction 7, 170 
Rhombic sulphur 133 
Rutherford 58 
Rusting 48 


Salts 156 
types of 156 
preparation of 157-60 
Saturated solution 36 
Separating funnel 20 
Silver plating 91 
Slag 145 
Soap 103 
Soft water 103 
Solder 152 
Solubility 36 
of gases & salts 37, 156 
curve 36 
Solute 18, 35 
Solution 18,35 
Solvent 18, 35 
Spiegel 147 
Stainless steel 152 
States of matter 12 
Steel 146 
alloys of 152 
hard 147 
mild 147 
S.T.P. 74 
Strengths of acids and 
alkalis 160 
Strong electrolyte 87 | 
Sublimate 20, 170 
Sublimation 12, 20, 170 
Sulphate 141 
Sulphide 166 
Sulphite 166 
Sulphur 133-4 
Sulphur dioxide 134-7 
Sulphur trioxide 137 
Sulphuric acid 138-41 
Sulphurousacid 46, 137 
Superphosphate 131 
Suspension 20 


Symbols 1 Tungsten steel 152 
Synthesis 7 Type metal 152 


Tempering of steel 147 


Thermal decomposition 10, 168 Urea 131 

Thermal dissociation 168 

Thermit 149 Valence electrons 61 
Titration 158 Valency 2, 3, 69 
Thomson, J.J. 58 Variable 4 

Transition temperature 133 Voltameter (coulometer) 87 


Triple bond 66 Vapour density (relative) 76 
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Water 33, 53 

reaction on metals 7, 34-5 
Water of crystallisation 39-40 
Water gas 107 
Water of hydration 40 
Wood charcoal 94 
Wrought iron 148 


Zinc 149 
blende 149 


| Wolk and on the 
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